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ABSTRACT
Studies of the kinetics and mechanism of the oxidation 
by periodate in aqueous solution of cis- and trans- cyclo- 
hexane diols (chapter 2), (+)- and meso- tartaric acids 
(chapter 3), and mandelic acid (chapter 4) are described in 
this thesis.
Previous work on the periodate oxidation of the cyclo- 
hexane diols has been extended to various conditions of pH 
and temperature. As in many oxidations by periodate, these 
reactions proceed via a cyclic periodate ester. The equili­
brium constant for formation of the ester from the trans- 
diol has been determined over a wide range of conditions, 
but the equilibrium constant for the cis- diol is smaller, 
and was only determined at pH 10.06 and 10°C. The UV spectra 
of the cyclic esters of both diols were obtained, and compared 
with the spectra of the cyclic esters of other diols. The 
formation of the cyclic ester is base catalysed; catalysis 
by pivalate and phosphate in the reaction of the cis- diol 
was investigated in detail and catalytic constants obtained. 
Ammonia catalysis of the formation of the cyclic ester from 
the trans- diol was investigated in detail, and acetate 
catalysis was detected, but in general the formation of the 
ester from this diol is fast and its decomposition is the 
slowest step of the overall reaction. The product of oxi­
dation, hexane-1,6-dial , was identified by n.m.r.
All previous work on the kinetics of oxidation of tar­
taric acid by periodate was confined to the (+)- isomer.
The present work consisted of a kinetic study of the oxida­
tion of the (+)- and meso- isomers, in buffered and unbuffered 
solutions. In general, the meso- isomer is oxidised more 
rapidly; this is in contrast to the relative rates of 
oxidation of (+)- and meso- 2,3-butanediols. The dependence 
of rate on pH is complex and could not be explained com­
pletely. No kinetic evidence for the formation of an 
intermediate was found, but the observation of buffer 
catalysis indicated that formation of a cyclic ester is 
rate-determining over at least part of the pH range.
The kinetics of the oxidation of mandelic acid by 
periodate were investigated at 40°C and pH range 2-9.
At low pH the reaction is second order, but" above pH 4 the 
kinetics become complex, due in part to the oxidation of 
the first product, benzaldehyde. The stoicheiometry of 
the reaction was investigated.
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CHAPTER ONE
GENERAL INTRODUCTION
1.1 INTRODUCTION
Organic compounds can be oxidized by numerous oxidants.
Of these, periodic acid and its salts, and lead tetra-acetate
have been widely used in the oxidation of bifunctional
organic molecules» including vicinal-diols, diketones and
related compounds. These two reagents complement each other,
in that periodate is most effective in aqueous solutions
and has therefore been used especially for the quantitative
oxidation of low molecular weight compounds and water-soluble
carbohydrates, whereas lead tetra-acetate is generally used
in acetic acid, which may contain some water, or in aprotic 
(1}solvents x Periodate is well known as a specific oxidant, 
and it has been used extensively in structural studies of 
carbohydrates. Oxidation with periodate is, of course, not 
restricted to carbohydrates and related compounds nor even 
to organic materials in general. Many inorganic materials 
are readily oxidized, a well-known example being the oxida­
tion of manganese II to permanganate which forms the basis
for a very widely used procedure for the spectrophotometrie
(2)determination of manganese The clean, rapid, and
generally quantitative nature of periodate oxidations 
recommends it for a very wide variety of analytical applica­
tions.
The periodate oxidation of organic compounds may be
(3)classified as follows x ':
a- Oxidations accompanied by carbon-carbon bond fission
(at a suitable pH most of these proceed rapidly at room 
temperature or below). 
b- Other types of oxidations proceeding at a measurable 
rate at room temperature, 
c- Oxidations whose rate is only appreciable at higher
temperatures, or in the presence of ultra-violet radiation.
Oxidations of type (a) are often referred to as 
"Malapradian" after the discoverer of the fission of 1,2-diols 
by periodate (Malaprade,1928). Other compounds whose oxida­
tions are of this type are 1,2-diketones, 1,2-hydroxyketones,
1,2-aminoalcohols, 1,2-diamines, oC -hydroxyacids and 
<*-keto acids.
In most of its reactions periodate is a two-electron 
oxidant, and it is reduced to iodate. Periodate oxidations 
are normally carried out in aqueous solution, but organic 
or mixed aqueous-organic solvents can be used (Qureshi and 
' Sklarz)
1.2 Some properties of periodate.
Orthoperiodic acid, H^IO^, is a fairly weak acid in
aqueous solution K 9 . The dehydrated periodic acid, HIO^,
does not exist as such in aqueous solution, and the solid
(7)reacts violently with water x \ However, the anion 10^
is well known, both in solid periodates and in aqueous
solution. X-ray diffraction has shown that 10 ~ is
tetrahedral^, and the dianion H^I0^~ is octahedral
Tetra-ethylammonium periodate (C2H^)/jNI0^ is the most
soluble of the common periodate salts in water (130 g per
100 g water at room temperature) Sodium periodate
(NalO^) is quite soluble in water (9.3 g per 100 g water
at 20°C and 12.62g per 100 g water at 25°C) Potassium
metaperiodate (KIO^) is far less soluble (0.334 g per 100 g
water at 15°C and 0.51 g at 25°C (^)^ aj_meric
potassium salt (K^I20g) is quite soluble (7.7 g per 100 g
at 15°C and 12.3 g per 100 g water at 25°C)
Periodate solutions of pH < 5  at room temperature and
in the dark are stable for indefinite periods of time.
But in the presence of light periodate solutions slowly 
(13 Vevolve ozone \ These effects have implications m
periodate oxidations of carbohydrates because many of the
fragments produced by such oxidations (for example
formaldehyde, formic acid, glyoxylic acid, and oxalic
acid) are oxidized at moderate rates in periodate solutions
C14- 'j c ^
in bright sunlight  ^ \ Because of the necessary
exposure of stock periodate solutions to light the strength 
gradually changes with time, so fresh solutions must be 
prepared from time to time.
The ultra-violet spectrum of the periodate monoanion 
in aqueous solution shows an absorption maximum at 222.
(16 1' 9 . Crouthamel and his co-workers showed that this
absorption is temperature dependent and assigned it to 
10^. The dependence on temperature is attributed to a 
hydration-dehydration equilibrium between H^IOg” and 10^ :
H4I06 • = *  10 4 + 2H2°
The amount of H^IOg present decreases with increase of 
temperature; at 25°C the amount is ~  3% of the total 
periodate monoanion concentration v \ Crouthamel et al 
found that at low concentrations periodates obey Beer’s 
law in the pH range 1 - 10.5* They interpreted their 
results in terms of the following equilibria:-
At 2 3 °0 the equilibrium constant, , for formation of
(17)10^ is 40, according to Crouthamel . The appreciable 
dehydration of H^IOg to 10 ~ causes the measured first 
and second ionization constants and to differ
from the true ionization constants and > and are 
related to them by the following equations:-
^  . K1(1 + kd ) ; k 2 =-------  s--------
The measured third ionization constant, , is identical
(19)with the true ionization constant K,. Buist et al v 't>
measured pK values at 25°C ; pK^ = 1.64 , p£ 2 = 8*31 and
pK^ = 1 2 . 2 .
Buist and Tabatabai^^ found that the ultraviolet
spectrum of the periodate ion 10 ~ in several solvents can
be resolved into two overlapping Gaussian bands, one close
3 2 —1to 222nm ( =1.0x10 m mol ) and the other close tomax 7
2 —1
280nm ( £ max~27m mol ). Buist and Tabatabai showed that
both bands undergo small blue shifts in more polar solvents,
"ft* *
and concluded that they are due to IT * 7T and n -— * 71
transitions respectively.
(21)Buist and Lewis ' discovered that periodate can
/ 4- 4- .
exist in a dimeric form (I2°9 or H2 I2°10 > in aqueous
alkaline solutions. A shift noticed in the ultra-violet
spectrum with increase in periodate concentration gave
evidence for the dimerization. The change in the IR spectrum
of periodate solutions in D20 at pH 9.0 with temperature also
indicated the formation of a dimeric form of periodate.
The dimerization has been a major factor in the inconsis­
tences of earlier studies of periodates at high pH.
L e w i s a n d  Hipperson^^ measured the dimerization 
constant in the pH range 8-12 and temperature range 
1-70°C. Values are given in the table:
K
o x -1
Temperature/ 0 (ionic strength=Q.1 mol 1 )
1
25 
45 
70
A comparison of the infrared and Raman spectra of 
solid periodates of known structure, and of aqueous solu­
tions containing the dimeric ion, shows that the latter 
is aqueous solution, rather than the dehydrated
ion 9 at least up to 45°C
820
141
35
6
1.3 Oxidation of vicinal-diols by periodate;
A review of previous work,
Malaprade^2^  (1928) discovered that compounds contain­
ing vicinal hydroxyl groups were oxidised quantitatively 
hy periodic acid in aqueous solutions. He found that 
ethane-1,2-diol was oxidised to formaldehyde, and the 
higher polyols were oxidised to formaldehyde and formic 
acid as follows:-
c h 2o h
(CHOH)n + (n+1)l0~ ----- > (n+1)I0~ + 2HCH0 + riHCOOH + 2H20
c h 2o h
Fleury and Lange^25  ^ (1932) showed that oxidation 
hy periodate was limited to 1,2-diols under mild conditions. 
They found that ethanol, methanol, glycolic, malic and 
citric acids were unaffected hy periodate in the cold, 
whereas tartaric, glyconic and saccharic acids were oxidised 
rapidly.
Price and Kroll^2^  (1938) were the first to study 
the kinetics of the periodate oxidation of 1,2-diols 
(ethane-1,2-diol, pinacol and cyclohexane-1,2-diols) in 
aqueous solutions at 25°C. The reaction was found to 
follow second order kinetics over a wide range of pH.
The second order rate constant varied with pH. Price and 
Kroll suggested a cyclic ester as an intermediate in the 
reaction.
Details of the kinetics of the periodate oxidation 
of ethane-1,2-diol were studied hy D u k e ^ ^  (1947). He 
employed an excess of the diol over periodate and found 
first order kinetics, consistent with the formation of 
an intermediate. Duke suggested that formation of the 
intermediate is responsible for making the activation
energy considerably lower than the carbon-carbon bond
— 1 — 1 energy (30-40 kcal mol compared with 60-70 kcal mol ).
Buist, Bunton and their co-workers studied the kinetics
of meachanism of the periodate oxidation of many 1,2-diols
under different conditions in aqueous solutions. Buist
and Bunton^*^ (1954) showed that in the kinetics of
oxidation of the ethane-1,2-diol an intermediate complex
is formed in high concentration, in equilibrium with the
diol and periodate. The equilibrium constant for formation
of the complex and the rate constant for its decomposition
were obtained. Similar results were obtained for the
kinetics of oxidation of propane-1,2- , 2-methylpropane-1,2-,
( 29}(-h)- and meso-butane-2,3- , and 2-methylbutane-2,3- diolsv * 
The effect of methyl- substitution in the diols is to 
increase the rate constant, k , for the decomposition of 
the intermediate to the product.
K k
Per + Diol ..  - C  > products
The kinetics of oxidation of phenylethane-1,2-diol 
are similar. The phenyl group increases both the equili­
brium constant K and the rate constant, k. In 1971 >
(31)Buist,Bunton et alv 7 proposed that the mechanism of 
the oxidation of 1,2-diols in general involves formation 
of an open chain monoester between periodate and diol, 
followed by cyclisation to a cyclic diester intermediate, 
as shown in Big. 1(1). The cyclic intermediate decomposes 
to give the reaction products.
The oxidation of some diols by periodate is base
(32)catalysed. Buist, Bunton and Lomasv ' (1966) suggested 
that the cyclisation of the monoester is the catalysed 
step. The proton transferred during the cyclisation is 
the C-OH proton (proton transfers to or from the periodate 
oxygens are expected to be very fast). Details are shown 
in Big. 1(2).
The physical evidence for formation of the interme­
diate in the diol oxidations studied by Buist and co-workers 
will be discussed in section 1.4* The kinetics of 
oxidation of cyclohexane-1,2-diols, which was also studied
by Buist and co-workers will be described in chapter 2.
(33)Recently, Tabatabaiv 7 studied the oxidation of 
glycerol-1-monoacetate in buffered and unbuffered solution 
at 1°C. Birst-order rate constants for the overall reac­
tion of periodate with excess diol were obtained over a 
wide range of pH and diol concentrations. In addition,
Fig. 1(1) Proposed mechanism for the periodate oxidation 
of vicinal diols.
OH
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+ 10
n 0 0
I —  O'
OH OH
0 0u\iiy
0 ^  J X  OH
I
C = 0
+ 10, + Ho0
3 2
Pig, 1(2) Mechanism of base catalysis in the cyclisation 
of a dio1-periodate monoester.
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a study of the mechanism of periodate oxidation of some 
carboxylic acids ( e . g . malonic, tartronic, ketomalonic 
and glyoxylic acids) was carried out over a wide range 
of pH and temperature. Second-order kinetics were observed 
for these reactions, and the pH-rate dependence was studied.
H o l l o w a y (1975) studied the periodate oxidation 
of 3-methoxypropane-1,2-diol, 3-chloropropane-1,2-diol, 
glycerol and phenylethane-1,2-diol in acid and alkaline 
solutions. In addition, cis- and trans- cyclohexane- 
1, 2-diols were studied. This work will be discussed in 
chapter 2.
Periodate oxidations are much slower in non-aqueous
solvents or in mixed aqueous-organic solvents. Very few
kinetic studies have been made of the solvent effect.
( 35)Taylor et alw ^y found that the rate of oxidation of
ethane-1,2-diol by periodic acid is reduced by a factor
of approximately 12 by the addition of 38% of ethanol
(3 6)to water. Guthrie' ' studied the oxidation of trans- 
cyclohexane-1 ,2-diol in dimethylformamide/water mixtures, 
and found a sharp reduction in the rate when the BMP 
content was increased beyond 20%.
The reviews published by Jackson^ (1944), Bobbitt 
(1956), B u n t o n ^  (1965), Sklarz^58  ^ (1967), Dryhurst^ 
(1970) and Buist  ^ (1972) grve more details of the 
oxidation of many organic compounds, especially 1,2-diols, 
by periodic acid and its salts.
Similar reaction occur between vicinal-diols and
certain other oxidants. Lead tetra-acetate has been
(39)used as a diol-cleaving reagent, \  Iodosobenzene 
diacetate^^ , sodium bismuthate and chromium trioxide 
react similarly. These reagents act as two-electron 
oxidants, with transfer of two electrons to the outer 
shell of the central atom of the oxidant. Less specific 
oxidants, (e.g. compounds of the transition metals), 
can act as single electron acceptors, the electron being 
transferred to a d-orbital.
1.4 Evidence for the formation of dio1-periodate
intermediates.
Criegee^^ (1934) compared the oxidation of
1,2-diols hy periodate and lead tetra-acetate, and 
suggested that both oxidations proceed through cyclic 
ester intermediates. Malaprade^^, the same year, 
observed that addition of certain diols to a periodate 
solution resulted in a decrease in the pH of the solution, 
and attributed the effect to the formation of an addition 
compound. This effect has been observed by other 
workers.(28,29)
In his kinetic study of the ethane-1,2-diol - per-
( 27)iodate reaction, DukeN ' suggested that the reaction 
proceeds through a co-ordination compound involving both 
reactant and oxidant, which subsequently disproportionates 
to give the products.
The formation of dio1-periodate esters is supported
(43)by a spectroscopic evidence. Buist, Bunton and Milesv 7 
observed that the addition of 1,2-diols, (except highly 
substituted diols such as pinacol) to periodate solutions 
causes an initial rapid change in the ultra-violet 
absorption spectrum, followed by a slower change as the 
oxidation proceeds and 1 0 “ is formed. Buist and 
Bunton^^ have shown that the cyclic periodate esters 
formed in alkaline solution from 1,2-diols and periodate 
can be detected by NMR.
Barker and S h a w ^ ^  (1959) observed that cyclic 
triesters, (similar to the cyclic diesters formed from
1,2-diols), are formed when periodate reacts with cyclic 
compounds containing the cis-1,2,3-triol system. The 
probable structure of the cyclic triester is shown below,
0
0
I
0
.The equilibrium constants for formation of the 
cyclic diester have been measured^^ for some vicinal- 
diols and their methyl- substituted compounds. The values 
of equilibrium constants vary in a characteristic way 
according to the nature of substitution.
CHAPTER TWO
OXIDATION OF CYCLOHEXANE -1,2-DIOLS
2.1 INTRODUCTION
There are two forms of cyclohexane, the chair-, and
the boat-form. The chair form is energetically preferred
to the boat f o r m ^ ^  . The cis-isomer of cyclohexane-1,2-
diol in the chair form has its hydroxyl go ups in the axial-
equatorial conformation, whereas the trans-isomer can have
these groups in either the axial-axial or the equatorial-
equatorial conformations. The equatorial-equatorial
conformation is prefered both in water and in non-
(49)hydroxylic solvents / . The inter-oxygen distance is
2.86 2. for both cis- and trans (eq-eq)-isomers, close to
the value of 2.73 2 for the distance between adjacent
2 -oxygen atoms in the periodate dianion, H^IOg . Thus both
isomers should be able to co-ordiante with the octahedral
(29)iodine atom to form a strain-free puckerd ring v ' with 
only slight changes in the original interatomic distances.
The expected structures of the cyclic diesters are shown 
in figure 2(1).
2.2 The kinetics of oxidation of trans- and cis- cyclohexane-
1,2-diols by periodate.
Price and Knell (50) (1942) were the first to study
the Kinetics of the periodate oxidation of trans- and cis- 
cyclohexane-1,2-diols. They observed at 25°C that the cis-
isomer is oxidized about thirty times faster than the trans- 
isomer, and they attributed this to more favourable positions 
of the hydroxyl groups of the cis-isomer for the formation 
of a cyclic intermediate with periodate. They found second 
order kinetics under all conditions they used. They reported 
that in alkaline solutions the rate constants are roughly 
proportional to the hydrogen ion concentration, but they 
were unable to determine whether the rate of oxidation of 
the two cyclohexane-diols became independent of pH in acid 
solutions.
(51)Buist, Bunton, and Miles (1959) studied the
periodate oxidation of the cyclohexane-1,2-diol-isomers.
Their aim was to relate the periodate oxidations of the 
cyclohexane-1,2-diols to those of other 1,2-diols, and to 
find evidence for the formation of intermediate complexes 
between diols and periodate. Buist and his co-workers 
found that, as for other diols, the addition of either 
cyclohexane-diol to an aqueous solution of periodate, at 
0 °C, gave an immediate decrease in pH. They explained 
this decrease by the rapid formation of an intermediate 
which is a stronger acid than periodic acid. The kinetics 
with excess diol were first order with respect to periodate, 
and the variation of the first order rate constant with 
diol concentration was found to be consistent with the 
reaction scheme
K k
Biol + Per <-....  ■ C  > products
where C is an intermediate, assumed to be a cyclic diester 
of periodic acid. They reported that the equilibrium 
constant, K, for the formation of the intermediate from 
the trans-isomer was greater than for the cis-isomer, but 
the rate constant, k, of breakdown of the intermediate to 
the products, is w 20 times greater for the cis-diol. The 
results obtained by Buist and his co-workers show that the 
faster oxidation of the cis-. compared with the trans-isomer 
is due, not to ease of intermediate-complex formation as 
Price' and Knell stated, but to the faster breakdown of the 
complex to the products. Buist and co-workers reported 
that the equilibrium constants for formation of the in­
termediate differ in the same way as they do in the oxidation 
of the butane-2,3-diols as shown in the following table:-
Table 2(1)
(+)-Butane-2,3-diol 8000
Meso-butane-2,3-diol 373
Trans- cyclohexane-1,2-diol 1000
Cis- cyclohexane-1,2-diol 400
2 -They explained the differences in K by the steric 
hindrance which can occur between one methylene group 
and an axial periodate oxygen (marked * in Pig. 2(1)). 
Optically active butane-2,3-diol, which is structurally 
equivalent to a trans-isomer, can form a cyclic intermediate 
with both methyl groups in unhindered positions (F, P in
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Pig, 2(2)), whereas the meso-isomer, equivalent to cis,
must have one methyl group in a hindered position.
(34)
Holloway (1975) studied the kinetics of oxidation
of cis- and trans-cyclohexane-1,2-diols in buffered and
unbuffered solutions at pH’s 1-5 and 9-10 and 1 °C.
Holloway’s work showed that buffer cayalysis occured, .
particularly in the oxidation,of, cis-cyclohexane-1 ,.2-diol.
It has been argued that the only step in the periodate
oxidation of a diol which is subject to buffer catalysis
is the ring-closure of a periodate monoester to form the
(27)cyclic diester intermediate ' . Therefore the ob­
servation of buffer catalysis shows that ring-closure is 
at least partly rate-determining. When buffer catalysis 
is absent (as in the oxidation of ethane diol) the rate- 
determining step is usually the breakdown of the cyclic 
ester to products. Holloway found the catalytic constants 
for cyclisation of the periodate monoesters of the cyclo- 
hexane-1,2-diols in ammonia buffers. He also studied the 
catalysis by acetate ions.
Work on the oxidation of diols by periodate has made
frequent use of the following treatment of the kinetic 
(27)data. Duke v ' showed that when an intermediate is 
formed rapidly and in equilibrium with the reactants, the 
following equation expresses the variation of the observed 
first order rate constant, k/ , with diol concentration 
(diol in excess):-
kK[diol]
1 + K [dioll (1)
where k is the rate constant for decomposition of the inter­
mediate, and K is the equilibrium constant for its formation
K k
Diol + Per —  G -------- >.
Equation (1) can be inverted to give:-
1 = 1  + 1 
k k kKfdiol]
According to the above relationship, a plot of reciprocal 
values of the first order rate constant against reciprocal 
diol concentration should be linear with slope 1/kK and 
intercept 1/k , from which both k and K can be calculated 
easily. This treatment was applied extensively in the 
present work.
Fig. 2(2)
Model of the cyclic dip1-periodate diester.
O  Oxygen
Carlon
2.3 Aims of the present work.
One of the aims of the present work was the continuation 
of work carried out in the University of Surrey, Chemistry 
Dept, by C.J.Holloway, in order to obtain rate parameters 
for the oxidation of cyclohexane-diols by periodate under 
different conditions, particularly at different temperatures. 
The oxidation of trans-cyclohexane-1,2-diol by periodate was 
studied in buffered and unbuffered solutions in the pH range 
4-11 at 10 and 20°C. The oxidation of the cis- isomer in 
unbuffered solutions over a wide range of pH (0.6-9,5)
25°C was studied to find out the variation of the second 
order rate constant, k^, with pH. Catalysis by phosphate 
and pivalate ions was studied as well.
Spectrophotometric determinations of the equilibrium 
constants for formation of the intermediates were carried out, 
and spectra of the intermediates were obtained in order to 
make a comparison with ethane- and propane- diols. Finally, 
nmr spectroscopy was used in order to verify the products of 
the reactions of some diols with periodate.
2.4 RESULTS AND DISCUSSION
2.4.1
Experimental results for rates of oxidation of
trans-cyclohexane-1,2-diol in buffered and unbuffered
solutions at 10°C.
The oxidation of trans-cyclohexane-1,2-diol by 
periodate was studied in buffered and unbuffered solutions 
in the pH range 4-7 at 10°C. The first-order rate constants 
with diol in excess were measured, and linear reciprocal 
plots (1/k* against 1/[diol] ) were obtained from the 
results listed in tables 2(2) to 2(4)* The equilibrium 
constants, K, for formation, and the rate constants, k, 
for decomposition of the cyclic diester intermediate were 
calculated from the intercepts and slopes of Figs. 2(3) to 
2(7). Table 2(5) lists the values of K and k.
Table 2(2)
First-order rate constants for oxidation of trans-cyclohexane-
1,2-diol in unbuffered and buffered solutions at 10°c.
Upper table Lo wer table
pH =4.66 pH = 4. 66
I'1[NaCll = 0.05 mol l” [NaAc] = 0.05 mol
[HAc] = 0.05 mol X"1
Run Ho. [diol] 
/mol l”^
1/ [diol] 
/I mol”^
k f
/10-3s-1
1/k*
s
001 0.005 200 11.00 90.91
002 0.007 142.85 14.70 68.03
003 0.010 100 20.87 47.92
004 0.020 50 35.67 28.04
005 0.100 10 88.30 11.33
00 6 0.005 200 —A • CO -0 84.25
007 0.007 142.85 15.75 63.49
008 0.010 100 21.24 47.08
009 0.020 50 39.30 25.45
010 0.100 10 77.04 12.98
where NaAc = sodium acetate 
and HAc = acetic acid
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Table 2(3)
First-order rate constants for oxidation of trans-cyclohexane
1,2-diol in acetate buffer at 10°C.
Upper table Lower table
pH = 4. 65 pH = 4.57
mol I-"*[NaAc] = 0.01 mol 1~^ [NaAc] = 0.1
[HAc] = 0.01 mol I-* [HAc] = 0.1
_ A
mol 1
[NaCl] = 0.04 mol 1~^
[diol ] 1/[diol] k* 1/k!
Ron No /mol l”^ /1 mol~^ /10~5s“1 s
,011 0.005 200 11.18 89.48
012 0.007 142.85 14.34 69.74
013 0.010 100 20.07 49.83
014 0.020 50 35.39 28.26
015 0.100 10 74.15 13.49
016 0.005 200 11.98 83.47
017 0.007 142.85 15.82 63.21
018 0.010 100 21 .60 46.30
019 0.020 50 36.92 27.09
020 0.100 10 71.43 13.99
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Table 2(4)
First-order rate constants for oxidation of trans-cyclohexane-
1,2-diol in phosphate buffer at ionic strength-0.2 and 10°C.
Upper table Lower table
pH = 6.73
0.05 mol l”-*
pH = 6.64
n-1mol 1[NaH2P04] = [NaH2P04] = 0.005
[Na2HP04] = 0.05 mol 1~1 [Na2HP0.] = 0.005 mol l”"*
[NaCl] = 0.180 mol l“1
Run No.
[dio1] 1/[diol] k* 
/mol l”"' /1 mol""1 /10"^s"J1
1/k1
s
021 0.005 200 11.00 90.90
022 0.007 142.85 14.43 69-30
023 0.010 100 18.23 54.85
024 0.020 50 27.08 36.93
025 0.100 10 42.26 23.66
026 0.005 200 11.02 90.74
027 0.007 142.85 14.60 68.50
028 0.010 100 19.40 51.55
029 0.020 50 30.56 32.72
030 0.100 10 44.22 22.61
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Table 2(5)
Summary of parameters obtained for the oxidation of
trans- cyclohexane-1,2->diol at 10°C.
PH
*
I
/mol 1~1
K
/I mol-1
k
/s“1
["Buffer ] 
/mol l"^
4.66 0.05 16,3 1 . 4 6 x 1 0 _ 1 0.05
(unbuffered)
4.65 0.05 22.2 • _V o o
1
0.01
(acetate)
4.66 0.05 21.5 1.22x10-1 0.05
(acetate)
4.57 0.10 25.9 1.05x10“1 0.10
(acetate)
6,64 0.20 45.5 6.10x10"2 0.005
(phosphate)
6.73 o . ro o 55.6 5.10x10-2 0.05
(phosphate)
* I is the ionic strength.
2.4.2
Kinetic determination of the equilibrium constants
for formation of the cyclic ester for cis- and trans- 
cyclohexane-1 , 2-diols in ammonium buffer at 10°C.
It was found possible to follow the formation of the 
trans-diol intermediate directly by monitoring the absorbance 
at 226nm. Solutions of the diol were made up in an ammonium 
buffer adjusted by sodium hydroxide to give a pH of 9.61.
Each run was first order with respect to periodate (diol 
in excess). Application of the theory of reversible first- 
order reactions shows that the first order rate constant, 
k ’, is related to k^ and k^ by the following equation:-
k 1 = k^ [diol] + k^
where k„ and k, are defined by:- f b
kfDiol + periodate , . ~ C
*b
Values of k* obtained experimentally were plotted aginst 
the respective diol concentrations, then k^ and k^ were 
calculated from the slope and intercept of the plot. The 
equilibrium constant, K, equals k^/k^. Table 2(6) lists 
the rate constants and the diol concentrations at pH 9.61.
Table 2(6)
Ammonium chloride concn = 0.001 mol 1
- 4  - 1Total periodate concn = 1 x 10 mol 1
[Diol] * k ’/10“5
/mol 1~^ /s"1
0.000398 20.00
0.000990 22.80
0.001996 36.22
0.003984 53.30
, k^ = 9.2 1 mol"’"1 s”1
k, = 16.4 x 10~3 s“1b
K = 560 1 mol-1 
* corrected for dilution by the periodate solutio
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With cis-cyclohexane-1,2-diol it was found that the 
formation of the intermediate too fast, so the equilibrium 
constant, K, was measured indirectly by following the kinetics 
of the overall reaction between the diol and periodate, 
and applying the reciprocal plot treatment. Table 2(7) 
summarizes the experimental data.
Table 2(7)
pH = 10.06 
Ammonium chloride concn = 0.02 mol 1 
Total periodate concn = 1 x 10”^ mol l”^
[ Diol 1 L J corr
/mol 1~^
1/ [Diol] 
/1 mol"^
k*
‘/10“3 s~1
1/k1 
/s
0.00398 251.00 40.71 24.56
0.00597 167.65 50.17 19.94
0.00990 101.00 65.22 15.34
0.01961 50.99 82.73 12.09
k = 0.103 s'1 
K = 165 1 mol"1
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2.4.3
Spectrophotometric determination of the equilibrium 
constant for formation of the intermediate of trans-
c.yclohexane-1 ,2-diol at pH 10.01 and 10°C.
The general equation for the formation of the cyclic 
intermediate in the oxidation of diols by periodate iss-
K
Diol + periodate <■- - —  C2
where K is the equilibrium constant and C^ i-s cyclic 
intermediate. The spectrophotometric method for determining 
K is as follows:-
A series of solutions were prepared having the same initial 
periodate concentration, [Per]Q , and excess [diolj >
5 x [Per]Q . When no diol is present, the absorbance at a 
given wavelength is:-
(A^)q = £p[PerlQ (assuming 1 cm path length)
where £p is the extinction coefficient of periodate at 
wavelength X .
If the diol is present in very large excess, then the 
equilibrium is almost completely over to the right:-
(A%)co = £C LPer]0
where t n is the extinction coefficient of the cyclic ester 
C2 at wavelength . In general for any diol concentration:
A X = ^p£PerT + £C [C]
where [Per] and [C] are the equilibrium concentrations
But
[Per] = [Per]Q - [C]
A x = 6p [Per]0 - £p [C] + ec[C]
A * “ CCj(6c -£-p)   (1)
Now if one considers ” A^
- A > = eG[ P e r ] o “  fcp [PerI1 "  &c rC1
But
tc]eq. = tPer^0 ‘ [Per]eq.
(A*)*, - A* = - fcpCPer] + ^[Per]
(aaIo " Ax = £c£Per] “ fipCPer] = rPer](£c - £y)
  (2)
Dividing.equation (1) by equation (2)
a a - U * ) 0 Cc ]
£1
(A.). - A ~ [Perlv a 'od a eq,
But as we know from the general equation
Cel
K =
[diol] [Per]Jeq. Jeq
= K [diol]
[Per] ec^eq.
U x X ,  - A „ 1
A. - (Ax) K[diol]„^ ' x'o eq
K[diol]eg>
(Aj - A ,,
A. = — IS    + (A^ )„o
A K[diol ]   (3)
#
- A x
Therefore if one plots A. against -------- then the
[diol]
the slope = 1/K and the intercept = (A^)^
Small corrections had to he made for dilation when the 
diol is added, and for the change in concentration of the 
diol due to the formation of the cyclic ester. They were 
calculated as shown below:
(1) (A*) corrected -(A*) x -volume withoat dio1
(2) [diol] corrected = [diol] x
volume + diol
volume without diol 
volume + diol
, v (AOoo - A n [perlea(3)   =  = r
^C ^eq.
[Per] - LCV
But [Per] = [Per] - [C] So, r =  Seq. o eq. rQ -i
Jeq.
[Perl 0
0r’ t°Jeq = ----- --eq. 1 + r
Cdiolleq. = Ldiol]o " tC]eq.
[Per]
Then, [diol] = [diol] -   and
eq. o 1 + r
[diol] = corrected [diol ] . o
The limiting value of the absorbance at high diol concen­
tration, (A^)^ , was calculated from the intercept of an
uncorrected plot. The equilibrium constant, calculated
-1from the slope of the corrected plot, was 416 1 mol.
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2.4.4
Catalysis of formation of intermediate by ammonia for 
trans-cyclobexane-1,2-diol at 10°C.
The first-order rate constants for formation of the 
intermediate of reaction between trans-cyclohexane-1,2- 
diol and periodate, with excess diol, were determined at 
pH 9.60 and 10°C in ammonium buffers. The results are listed 
in table 2(9).
The dio1-periodate reaction can be represented as 
follows:-
KC1
Diol + Periodate — - ,   —1' C2  v product
Where is a monester, whose formation is not catalysed, 
and is a cyclic diester, formed.by base catalysed ring- 
closure.
C —  OH 0
I 1C. (Possible structure) I . I '
1 C  0 1 OH
OH
C  0 ^0
C9 (Possible structure) I 1 = 0
C  0 ^  X0H
The concentration of the monester is assumed to be 
negligible, so the formation of C^ can represented by:-
kf
Diol + Per - = ±
kt>
As already stated, the first order rate constant (diol in 
excess) is given by:-
K ’ = kf[diol]+ k^
The equilibrium constant K ( = k^/k^ ) has already been 
measured (section 2.4.2), so k^ can be calculated:-
k o ' A*b K
Substituting for k^ in the expression above
k 1 = k^[diol]+
K
k» = k [diol] + -4-
K
kf =
[diol] + 1
*
Values of k^ were calculated and plotted against ammonia 
concentration as shown in figure 2(12).
* (see column 4 of table 2(9)).
Table 2(9)
Results of formation of the trans-cyclohexane-1,2-diol
periodate intermediate in ammonium buffer at pH 9.60 and 10°C.
Total. periodate -4concn. = 1x10 mol 1 1
Diol concn. = 1x10-5 mol l"*^
Wavelength = 226 nm
[n h4c i ]
/mol l“^
[n h3]
/10~4mol 1“
t
k
(mean value) 
1 /10~3 s‘1
kf
obs.
/I mol~1s~1
kf
calc.
/T -1 "I /I mol s
0.00025 1.074 8-. 20 3.0 3.0
0.0005 2.156 13.27 4.8 4.7
0.0010 4.337 22.80 8.2 7.8
0.0020 8.740 30.28 10.9 12.6
0.0030 13.198 41.48 14.9 16.3
0.0040 17.670 45.70 16.4 19.2
0.0050 22.180 52.87 19.0 21.5
0.0075 33.540 71.15 25.5 25.7
0.0100 45.040 83.08 29.8 28.5
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The relationship between k^ and catalyst concentration
is not the normal linear one. A similar effect has been
observed in previous kinetic studies of the oxidation of
diols by periodate >52) rp-^g €Xpianation. given by
( ’7i 2 )Buist, Bunton, and Lomas w  } is as follows:-
The cyclic intermediate is formed via dio1-periodate 
monoester, as mentioned above:-
ki k?Diol + periodate i ^    <, ^ ■ —  C2
Unlike the second step, the first step is not buffer 
catalysed. Therefore it is possible for the second step 
to be rate-determining at low buffer concentrations, whereas 
at high buffer concentrations the first step may become 
rate-determining. Hence the apparent limit approached by 
k^ in Pig. 2(12) can be explained. The quantitative treat­
ment applied by Buist, Bunton, and Lomas is as follows:- 
The concentration, of the mono ester is assumed to
be so low that the stationary state approximation is 
applicable. The rate of formation of C-j is given by:-
dfc.l
 - = k1 [Diol][Per] + k_„[C ] - k [CJ - k_ [C.,]
dt
= k^f Diol][Per ] + k_2[C2 ] - [C^ (k2 + k^)
(i)
According to the stationary state approximation, we can put 
d[C^]/dt equal to zero:-
k [Diol][Per ] + k [C2] - [CJ (k +k J  = 0
  (ii)
Prom this equation it can he shown that:-
1 1 1
f 1 2 °1   (iii)
where k^ = observed rate constant, and = k^/k ^
(i.e. equilibrium constant for first stage). If a buffer 
is present k^ has to be expressed as:-
k2 = k20 * k2B^B ^
where k^Q = rate constant in unbuffered solution, and 
k2B = catalytic constant.
kf k1 (k20+k2B [B])Kc
Or 1 * 1  + 1
kf k1 k0 + kB ^  ..... (iv)
Equation (iv) was applied as follows
(a) At high [NH^] , k^ can be neglected:-
1 1 1
kf k1
Plotting 1/k^ against 1/[NH^] , and extrapolating to zero
[NH^J gives the first approximation to. 1/k^.
(b) Erom equation (iv),
k ^ N H  ]
"by plotting 1/(1/k^-l/k^) against [NH^] , kQ and k^ are 
calculated from the intercept and the slope,
(c) Plot 1/k^ , against 1/(k^n-k^NH^] ) , to get the second 
approximation to 1/k^.
(d) Step (b) is repeated to get the second approximation 
to k^ and k^.
(e) Step (c) can he repeated if necessary.
The treatment used to explain the curvature of k^ with the 
ammonia concentration for the oxidation of trans-cyclohexane-
1,2-diol in the ammonium buffer showed that, there is good 
agreement between the obs. and calc, values of k^. At 
high buffer concentrations it is clear that the formation of 
the diester , > is only partly rate-determining, and the
observed rate constant is approaching the limit set by k^ , 
the rate constant for formation of the monoester. According 
to the treatment, the rate constants in equation (iv) have 
the values:-
2.4.5
Experimental results for rates of oxidation of
trans-cyclohexane-1,2-diol in buffered and unbuffered
solutions at 20 and 30QC.
The oxidation of trans-cyclohexane-1,2-diol by per­
iodate was studied in buffered and unbuffered solutions in 
the pH range 4-11 at 20°C. With diol in large excess over 
periodate the reciprocal plots were linear. The equilibrium 
and rate constants K, k, were calculated from the intercepts 
and slopes of Figs. 2(13) to 2(17) which were plotted from 
the data presented in tables 2(10) to 2(14). The values of 
K and k are summarized in table 2(15).. Some work carried 
out on the oxidation of the trans-isomer in unbuffered 
solutions and acetate buffers at 30°C is summarized in 
tables 2(19) and 2(20).
Rates of oxidation of trans-cyclohexane-1,2-diol in acetate
Table 2(10)
a 
buffer at pH 4.63 and 20°C.
[diol] 1/ [diol] k' 1/k1
Run No. < , ,-1 /. _-t-1 / m -3 “1/mo1 1  /I mol / 1 0 s  s
050 0.010 100 33.8 29.49
051 0.015 66.66 54.7 18.28
052 0.020 50 68.9 14.50
053 0.050 20 132.8 7.53
054 0.100 10 218.0 4.59
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Table 2(11)
Rates of oxidation of trans-cyclohexane-1,2-diol in phosphate
buffer at •
oooCM
pH 5.9 Ionic strength = 0.071 mol l-1
Run Ho.
[diol] 
/mol l”■1
1/ [diol] 
/1 mol""
k'
/10_5s“1
1/k'
s
055 0.005 200 19.80 50.50
056 0.007 142.85 27.60 36.23
057 0.010 100 39.90 25.06
058 0.020 50 66.50 15.04
059 0.100 10 164.00 6.10
pH 6.41 Ionic strength = 0.125 mol I-1
060 0.005 200 21.70 46.10
061 0.007 142.85 30.65 32.60
062 0.010 100 38.34 26.10
063 0.020 50 69.70 14.35
064 0.100 10 166.80 5.99
7.03 Ionic strength = 0.031 mol I-1
065 0.005 200 18.43 54.26
066 0.007 142.85 23.93 41.79
067 0.010 100 32.00 31.25
068 0.020 50 52.50 19.05
069 0.10 10 95.95 10.42
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Table 2(12)
Rates of oxidation of trans-cyclohexane-1,2-diol in phosphate 
buffer at pH 8.07 and 20°C.
_1
Ionic strength = 0,07 mol 1
[diol1 1/ [diol] k * 1/k!
Run No. ^mol -j-1 mol-1 /10“5s“1 s
070 0.005 200 5.71 175.0
071 0.007 142.8.5 7.03 142.0
072 0.010 100 7.91 126.0
073 0.020 50 9.28 107.7
074 0.100 10 ' “ 12.50 80.0
Pig, 2(15) Reciprocal plot for the oxidation of 
trans-cyclohexane-1,2-diol in
phosphate buffer at pH 8.07 and
130
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1/[diol ] 1 mol-1
Table 2(13)
Rates of oxidation of trans-cyclohexane-1,2-diol in ammonium
buffer at •
oooCM
pH 8.75 Ionic strength = 0.05 mol l->*
Run No.
[diol] 
/mol l"-1
1/[diol] 
/1 mol"***
k 1
/10-V1
1/k1
s
075 0.005 200 1.22 820.0
076 0.007 142.85 1.36 735.3
077 0.010 100 1.50 666.7
078 0.020 50 * * 1.81 552.5
079 0.100 10 2.13 469.5
pH 9.31 Ionic strength = 0.0375 mol l"1
080 0.005 200 0.350 2857.1
081 0.007 142.85 0.418 2392.3
082 0.010 100 0.484 2066.1
083 0.020 50 0.597 1675.0
084 0.100 10 0.734 1362.4
CL CQ
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Rates of oxidation of trans-cyclohexane-1,2-diol in ammonium
Table 2(H)
 
buffer at pH 10.94 and 20°C.
[diol] 1/[diol] k 1 1/k1
Run No, / -i n-1 I* ^t-1 /-in“3 -1/mol 1 /1 mol /10 s s
085 0.005 200 5.33 18761
086 0.007 142.85 6.00 16666
.087 0.010 100 6.32 15822
088 0.020 50 7.50 13333
089 0.100 10 8.80 11363
Fig. 2(17) Reciprocal plot for the oxidation of
trans-cyclohexane-1,2-diol in ammonium
buffer at pH 10.94 and 20 C .
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Table 2(16)
The variation of the rate constant for decomposition,
k, of the trans-cyclohexane-1,2-diol - periodate diester
with hydrogen ion activity at pH range 4-7 and 20°C.
pH
k
/s"1
1/k
/s
f 7 f 2" v  
105
4.634 0.623 1.605 0.586
5.900 0.317 3.155 15.500
6.410 0.247 4.050 56.550
7.050 0.127 7.874 175.500
See section 2.4.9
CM m M
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Table 2(17)
Summary for the rate constants and pH's for trans-eyelohexane-
1,2-diol at 2Q°C.
/ “
pH log(f7f2-) lc,g(J- - 1) PH + log(f7f2-)
6.41 0.342 -0.035 6.190
7.03 0.214 0.443 7.244
8.07 0.286 1.565 8.356
8.75 0.257 2.342 9.007
9.31 0.230 2.789 9.540
10.94 0.257 3.735 11.197
* k~ obtained from Fig. 2(18). From the plot (Fig. 2(19)), 
k '2 = 5x10"7
Fig. 2(19) Plot of log(k~/k - 1) against 
pH + log(f~/f2~).
Slope = 0 . 8
Intercept =
6
pH + log(f'/f2-)
Table 2(18)
Rates of oxidation of trans-cyclohexane-1,2-diol in.
unbuffered solution at pH 4.78 and 20°C.
-1
Ionic strength =0.1 mol 1 
Total periodate concn = 1 x 10~^ mol l”^
Wavelength = 222 nm
Run No. [diol]
/mol
k»
/io-V1
(mean value)
1/k*
/s
100 0.0005 1.66 602.41 *
101 0.0010 3.13 319.49
102 0.0050 1 6.60 60.24
103 0.0100 32.64 30.64
104 0.0500 112.04 8.93
105 0.1000 181.25 5.52
*  ( p e r  2 x  10 ^ mol l * " ^ )
Table 2(19)
Rates of oxidation of trans-cyclohexane-1,2-diol in
unbuffered solution at pH 4.78 and 30°C.
-1Ionic strength =0.1 mol 1
Total periodate concn = 1 x 10“4 -i “ 1mol 1
wavelength = 222 nm
Run No• [diol]
/mol
k 1
/io-V1
(mean values)
1/k1 
/s
106 0.0005 2.35 425.53 *
107 0.0010 4.21 237.81
108 0.0050 22.52 44.41
109 0.0070 32.41 30.86
110 0.0100 44.44 22.50
111 0.0200 87.90 11.38
112 0.0500 196.95 5.08
* (per 2 x 10-5 mol 1~1)
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Table 2(20)
Rates of oxidation of trans-cyclohexane-1,2-diol in
acetate buffer solutions at pH 4>78 and 30°C..
Ionic strength =0.1 mol 1 
Diol concentration = 0.01 mol 1
Run No. [Acetate] k ’
/mol I-1 /10“3s"1
115 0.0000 44.44
116 0.0025 50.81
117 0.0050 55.54
118 0.0100 61.02
119 0.0500 62.27
120 0.1000 65.55
Fig. 2(21) Variation of k with acetate concentration of the
oxidation of trans-cyclohexane-1,2-diol at pH 4.78
and 30 C.
70
60
50
0 0-025 0-05 0-075 0-1
[CH,C00“ y  mol I-1
The curvature in the plot could he due to a transition 
from rate-determining formation of the cyclic ester 
(catalysed by acetate ions) to another rate-determining 
step, probably the decomposition of the cyclic ester to 
the reaction -products. Because the concentration of the 
cyclic ester is appreciable, as shown by the reciprocal 
plot, Fig. 2(20), the quantitative treatment is complicated 
and was not attempted.
2.4.6
Results of oxidation of cis-cyclohexane-1,2-diol in 
buffered and unbuffered solutions at 25°C.
The reaction between cis-cyclohexane-1,2-diol and 
periodate was studied in unbuffered solutions at 25°C.
Second order kinetics were found. The rate constants, k^ 
were calculated and Fig. 2(22) shows the profile plot for 
log against pH. The rate reaches a maximum at pH 2.1.
Table 2(22) summarizes the results. In addition, catalysis 
by pivalate, and phosphate ions was studied, and catalytic 
constants calculated.
Table 2(21)
Oxidation of cis-cyclohexane-1,2-diol in unbuffered solutions 
at different pHs and 25°C.
-1Ionic strength =0.1 mol 1
[diol] _ k v■n -nt mean ** rRun No.
f 'J ^
/mol 1~^ /10*”^ s~^ /I mol"^s"^
pH = 0.60 (Ionic strength = 0.5 mol 1 only at this pH)
121 0.00096 7.70 8.02
122 0.00196 15.90 8.11
123 " 16.20 8.27
124 0.00498 38.56 7.74
125 " 38.60 7.75
126 0.00995 ' • 71.00 7 14
pH = 1.11
127 0.00019 2.70 14.21
128 0.00048 6.09 12.69
129 " 5.98 12.46
130 0.00096 12.82 13.35
131 0.00196 27.63 14.10
132 0.00296 39.50 13.35
133 " 38.13 12.88
134 0.00498 66.60 13.37
135 " 68.30 13.72
* [didlmean = ([diol3o + [diol]oo)/2 
where Ldiol]^ = [diol]Q - [Per]
Table 2(21) contd.
Ran No.
[diol] mean 
/mol l-^ /10-5sl1
ky/
/l mol"
pH = 2.10
136 0.00019 3.45 18.16
137 I 3.45 18.16
138 0.00048 9.18 19.13
139 u 9.20 19.17
140 0.00098 18.56 18.94
141 0.00198 38.60 19.50
142 0.00298 57.28 19.22
143 » 57.40 19.26
144 0.00498 98.87 19.85
145 94.50 18.98
pH = 2.70
146 0.00498 69.80 14.02
147 " it -0 • ro O 14.30
148 0.00995 141.95 14.27
149 1! 140.10 14.08
pH = 3.03
150 0.00019 1.55 8.16
151 0.00048 3.90 8.13
152 0.00098 8.45 8.62
153 0.00198 17.30 8.74
154 0.00298 23.90 8.02
155 0.00498 40.30 8.09
Table 2(21) contd.
Run No.
[diol]L •‘mean
/mol l”1
k 1
/io-V1 /I mol”
pH = 4.24 
156 0.00048 2.91 6.06
157 0.00098 5.30 5.41
158 0.00198 12.26 6.19
159 0.00498 27.40 5.50
160 0.00995 57.10 5.74
'tj a ii VJ1 . ro O
161 0.00498 26.55 5.33
162 0.00995 54.14 5.44
pH = 6.02
163 0.00498 27.81 5.58
164 0.00995 54.70 5.50
pH = 6.90
165 0.00498 26.60 5.34
166 0.00995 55.67 5.60
pH = 7.50
167
168
0.00498
0.00995
28.33
55.61
5.69
5.59
Table 2(21) contd.
„ „ [diol] mean *'
Run Ho. . - .
/mol l” /10- s” /I mol” s”
pH = 7.93
169 0.00498 20.55 4.13
170 " 21.40 4.30
pH = 8.50
171 0.00498 14.24 2.86
172 " 13.80 2.77
pH =9.45
173 0.00498 7.22 1.45
174 " 7.40 1.49
Table 2(22)
Summary of the results of oxidation of cis-cyclohexane-l,2-diol
in unbuffered solutions at 25°C.
[onic strength' =0.1 mol l""^ (except at pH
LT\•oV£>•O.II mol 1~^
PH
/I mol"^ s’"'*
log10k [H+] kyf(P)
obs.
k^f(P)
calc.
0.60 7.84 0.89
1.11 13.35 1.13 9.94x10-2 81.9 236.5
o
 
■\— •
C\J 19.04 1.28 1.02x10-2 29.1 30.2
2.70 14.17 1.15 2.55x10-3 16.0 11.3
3.03 8.29 0.92 1.19x10-3 8.8 8.2
4.24 5.78 0.76 ‘ ' 7.37x10-5 5.8 5.6
5.20 5.39 0.73 8.08x10-6 5.4 5.4
6.02 5.54 0.74 1.22x10-6 5.6 5.4
6.90 5.47 0.74 1.61x10"7 6.1 5.5
7.50 5.64 0.75 4.05x10"8 8.0 6.0
7.93 4.22 0.63 1.50x10-8 9.0 7.0
8.50 2.82 0.45 4.05x10"9 14.8 11.2
9.45 1.47 0.17 4.54x10“10 56.9 • 56.9
C\J
ITS
C\J
•H
C\J
C\J
C\J
Fig. 2(22B) Log k^f(P) against log[H+] for the oxida­
tion of cis-cyclohexane-1,2-diol in
unbuffered solutions at 25 C
3-0
2-5
2-0
1-5
0-5
0 6
• logfH*]
Treatment of dependence of k^ on pH for the oxidation of 
cis-cyc.Iohexane-1,2-diol in unbuffered solutions at 25°C.
As found, the kinetics of oxidation of cis-eyelohexane- 
diol are second order, therefore the concentrations of the 
intermediates and C^ can neglected. The observation 
of catalysis shows that the formation of 0^ rate-deter­
mining over at least part of the pH range.
k 1 k 2 k
Diol + Per  ^  - C1 x . .  v C9   ^products
k - 1 k - 2
If it is assumed that the formation of 0^ rate-determining 
over the whole pH range:-
rate = k^C^] = k2KC C^iol] [Per ] ^
Now k2^c should equal k^ the observed rate constant.
The rate is expected to depend on the periodate species 
present:-
rate = k^ [Diol][H^IOg] + k^ [Diol] [Per” ] + k^CDiol] LPer^~ ]
..... (2)
2 —  —If [H^IOg] and [Per 1 are expressed in terms of [Per ]
CH5I06] = , [Per2’] =
5 6 K1 [H ]
where and are the first and second ionization
constants of periodic acid in terms of concentrations.
Now, total periodate concentration is given by:
[Per] = [H5I06 ] + [Per-] + [Per2 - ]
i.e.
[Per] = [Per”]
Diol][Per~]
ES_1 + 1 + IS
^  LHT] J    (3)
Q j  + 1 + _!§ = k V D i o i j i l e f H O  + 
[H ]y 0 K 1VK 1
k.[Diol] [5er“J + kL [Diol]
K2 [Per-] 
[H+] (4)
i.e. V
l s !j + ! + I I
( f  1 [H ] ^/
n r h+ i  m
= kQ  --   + k. + k2 — -
0 K., 1 2 [H ]
„ K.
(5)
t! _
where cL = kQ/K1 , £> = ^  , V = k2 Kp
A Computer program was used to calculate k^f(P) where
A . . +
f(p) = IO + 1 + ^
K 1 [H+]J
Prom the plot of log k^f(P) vs. log [,H+3 it is seen that 
the results are in qualitative agreement with equation (5).
The parameters & , p and % were calculated as follows
(a) At pH 5.2 the 06 and y terms are very small, so
ft = k f(P) at this pH, as shown in table 2(22) ,£>=5.40.
(b) at pH 2.1 k^f(P) =«c[H+] + p , where term
negligible, so oL = 2326.
(c) at pH 9.5 term negligible, then
k f(P) = p + V/CH+] and V = 2.34x10-8
To check the agreement between calculated and observed rate
constants, the above values of cC , ft and X were substituted
in equation (5), and k^ f(P) calculated at each [H+] -
see table 2(22). The agreement is quite good except at
[H+] = 0.099. Probably at high hydrogen ion concentrations a
different step of the reaction becomes rate-determining; in
their treatment of the pH dependence of rate of the oxidation
(52}of pinacol by periodate, Buist, Bunton and Hipperson ' 
suggested that the decomposition of to products is rate- 
determining at low pH. This would account for the decrease 
in observed rate found at pH = 0.6 (Pig. 2(22A)). The latter 
point is not included in Fig. 2(22B) because it obviously 
deviates from the theory.
Table 2(23)
Oxidation of cis-cyclohexane-1t2-diol in pryalate buffer 
at pH 5 and 25°C.
Total periodate concentration = 1x10*"^ mol 1~^
Ionic strength = 0.1 mol l"/1
Wavelength = 240 nm
1: Unbuffered
NaCl = 0,1 mol I’1
2: (CH )3OCOOH 
(CH,),OCOONa 
NaCl
= 0,01 mol 
= 0.01 mol 
= 0.09 mol
I"1
1‘1
l"1
3: (c h5)3c -cooh
(CH3)3C-COONa
NaCl
= 0.05 mol 
= 0.05 mol 
- 0.05 mol
I"1
l"1
1~1
4: (c h3)3c *cooh
(CH3)3C*COONa
= 0.1 mo 1 
= 0.1 mo 1
1“1
1“1
Ran No. tDiol^mean
/mol I-”'
t
mean value
/io-V1
V
/I mol"
1: 180 0.00045 2.60 5.78
181 0.00095 5.28 5.56
2: 182 0.00045 3.21 7.13
183 0.00095 6.95 7.32
184 0.00195 • 13.93 7.14
3: 185 0.00045 5.55 12.33
186 0.00095 11.94 12.57
187 0.00195 25.10 12.87
4: 188 0.00045 9.90 22.00
189 0.00095 22.57 23.76
190 0.00195 43.79 22.46
Table 2(24)
Summary of the experimental results of oxidation of
cis-cyclohexane-1,2-diol in pivalate buffer solutions 
at pH 5 and 25°C.
Ionic strength =0.1 mol 1
rCCH^J^C'COO" ] k^ (mean value)
/mo 1 1  ^ /I mol~^s~^
0.00 5.67
0.01 7.20
0.05 12,59
0 .1 0 22 .74
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Table 2(25)
Rates of oxidation of cis-cyclohexane-1,2-diol in phosphate 
buffer solutions at pH 6.81 and 25°C.
-4 -1Total periodate concn. = 1x10 mol 1
-3 -1Diol concn, = 5x10 mol 1
Ionic strength =0,1 mol 1
[Phosphate] k^(obs.) k,.(calc.)
Run No, / n t-1 ,-1 -1 /t ,-1 -1/mol 1 /I mol s /I mol s
201 0.000 5.33 5.29
202 0.001 8.66 8.69
203 0.005 17.19 17.27
204 0.010 23.00 22.83
205 0.025 30.51 29.50
n g .  z^ zq-) I'i.ox snowing xne variation 01 t/ne ops, anti
calc, values of of the oxidation of
cis-cyclohexan'e-1,2-diol with phosphate
concentration at pH 6.81 and 25°C .
• Observed
Calculated
Obs. and Calc
0 5 10 15 20 25
[Phosphate ] /10”  ^mol 1"^
The curvature observed in Pig. 2(24) resembles the 
curvature observed for the oxidation of the trans-diol in 
an ammonium buffer (Fig. 2(12)). A similar explanation can 
be put forward, bearing in mind that in the cis-diol case 
the overall reaction is being followed, not just the forma­
tion of the cyclic intermediate:-
k k k
Diol + Per C1 C9-------► Products
v-1 k -2
When the kinetics are second order, we assume the concentra­
tions of and to be negligible, and that the stationary 
state approximation is applicable to both, i.e. d[C^]/dt , 
and dl^l/ht equal to zero,
where d[C,]
 £ = k [C.] - LC?] (k + k ?)
dt ^
The final equation (52) is:_
1 1 1  1
ky k1 k2KQ kK   (1)
where ky, = observed second order rate constant and K = 
overall equilibrium constant for formation of from
reactants. When buffer catalysis is considered equation (1) 
becomes:-
1 1 1  1
ky, k1 kK (k20+k2B*-B ^ KC
1
Or
# 4*
k^ k" kp+kgLB]   (2)
1 1 1
where — * = —  + —  ,
k k1 kK
To apply equation (2) to cis-cyclohexane-diol in phosphate 
buffer, the same treatment for the trans-diol (section
2.4.4) can be followed. Fig. 2.(24) shows the obs. and calc,
values of k^, plotted against CPO^] .
In table 2(25), it is seen that there is very good
agreement between the observed and calculated values of k^ , .
As a result to the treatment, the rate constants in, equation 
(2) have the values:-
2.4.7.
Spectra of the cyclic intermediates of the reaction
of some diols with periodate in an ammonium buffer at pH 
10.01 and 10°C.
The spectrum of a solution of periodate at pH 10.01 
and of concentration 10~^ mol 1~^ was obtained in the range 
210-270 nm. A small amount of diol was then added to the 
solution, and the spectrum was run immediately over the 
same range. When the experiment was carried out with cis- 
cyclohexame-1,2-diol, the rapid decomposition of the 
intermediate to the products made it necessary to extrapolate 
the change in absorbance back to the time of mixing. The 
following tables..and figures show the absorbance values, 
(corrected for dilution), for periodate (A^)Q and for the 
intermediate A^. As well as the cyclic intermediates formed 
from the cyclohexane-diols, the cyclic intermediates from 
the ethane-1,2-diol and propane-1,2-diol were studied for 
comparison. The spectra of the cyclohexane-diols-periodate 
intermediate are closely similar to one another, and the 
isosbestic points are at almost the same places. The 
spectra of the intermediate formed from ethane- and propane­
diols are appreciably different. Probably this difference 
is due to greater strain in the fused ring system for 
cyclohexane-diols compared with other diols.
Table 2(26)
Experimental results for spectrum of formation of the
trans-cyclohexane-1 ,2-dio1-periodate diester in ammonium
buffer at pH 10.01 and 10°C.
Total periodate = 1 x 10”^ mol 1~^
- 2 -1Total diol concentration = 2 x 1 0  mol 1
Wavelength 
/ nm
<A *>0 At\ (A*)q corr
210 0.858 0.853 0.841
214 0.793 0.870 0.778
218 0.699 0.860 0.685
222 0.604 0.821 0.592
226 0.528 0.759 0.518
230 0.473 0.682 0.464
234 0.438 0.600 0.4295
238 0.409 0.516 0.401
242 0.381 0.436 0.374
246 0.346 0.362 0.339
250 0.304 0.300 0.298
254 0.260 0.247 0.255
258 0.212 0.204 0.208
262 0.169 0.171 0.166
266 0.131 0.143 0.129
270 0.102 0.122 0.100
Where (A^) is the absorbance of periodate, and is the
absorbance of intermediate, 
dilution by diol.
(A^) corrected due to the
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Fig. 2(25) U.V. spectrum for trans-cyclohexane-
periodate diester.
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Fig. 2(26) U.V. spectrum for cis-cyclohexane-periodate
diester.
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Table 2(28)
Experimental results for spectrum of formation of ethane
dip1-periodate diester in ammonium buffer at pH 10.01 and 
10°0 .
-4 -1Total periodate = 1 x 10 mol 1
- 2 -1Total diol concentration = 7 x 10 mol 1
Wavelength (A^) (A*) (A*) corr
/nm
210 0.806 0.780 . 0.769
214 0.792 0.700 0.690
218 0.748 0.609 0.601
222 0.678 • - 0.528 0.521
226 0.596 0.467 0.461
230 0.510 0.425 0.419
234 0.422 0.394 0.389
238 0.344 0.366 0.361
242 0.276 0.334 0.329
246 0.220 0.299 0.295
250 0.179 0.259 0.255
254 0.146 0.212 0.209
258 0.120 0.173 0.171
262 0.100 0.136 0.134
266 0.088 0.104 0.103
270 0.073 0.084 0.083
Pig. 2(27) U.Y. spectrum for ethane-dio1-periodate
diester.
Intermediate
Periodate
260230 25022021 0
Wavelength/nm
Table 2(29)
Experimental results for spectrum of formation of propane-
1,2-diol-periodate diester in ammonium buffer at pH 10.01
and 10°C.
Total periodate concentration = 1 x 10“4 mol 1“1
Total diol concentration = 4 x: 10’2 mol I*’'*
Wavelength 
/ nm
<A*>o (A^)q corr
210 0.850 0.845 0.829
214 0.840 0.777 0.762
218 0.809 0.685 0.672
222 0.750 0.593 0.582
226 0.670 0.518 0.508
230 0.580 0.465 0.456
234 0.487 0.430 0.422
238 0.401 0.400 0.392
242 0.327 0.371 0.364
246 0.260 0.338 0.331
250 0.210 0.297 0.291
254 0.170 0.250 0.245
258 0.141 0.206 0.202
262 0.118 0.163 0.1 60
266 0.100 0.129 0.127
270 0.086 0.100 0.098
Ab
so
rb
an
ce
Fig. 2(28) U.V. spectrum for propane-diol-periodate
diester
Intermediate
Periodate
210 220 230 240 250 260
Wavelength/nm
2.4.8
N.M.R. spectra of the final products of oxidation of
cyclohexane-1,2-diols by periodate.
The aim of this section was to verify the final products 
of the reactions of cis- and trans-cyclohexane-1,2-diols with 
periodate, the final product expected is the dialdehyde:-
One or both of the carbonyl groups may be present in the 
hydrated form.
Fig. 2(31) shows n.m.r. spectrum of trans-cyclohexane-
1,2-diol in I^O and Fig. 2(32) the spectrum of the final 
product.. The latter shows clearly the presence of carbonyl 
in the dehydrated (6=9.8) and. hydrated (6=5.1) froms.
Each of these signals shows the expected splitting into 
a triplet, and the integral indicates approximately equal 
amounts of each form. The signal at 6 = 2.7 is due to CH2 
protons adjacent to a dehydrated carbonvl group, whereas 
the signal at 6 = 1.6 is due- to CH2 protons adjacent 
to another group or to a hydrated carbonyl group.
Because approximately half of the carbonyl groups are 
dehydrated, one in every four CH2 groups are adjacent to 
such carbonyl groups. Therefore the expected intensity 
ratio of the CH2 signals is 1:3. The observed ratio is 
1:2.9, hence the n.m.r. spectrum confirms the identity of 
the product. The final product of oxidation of cis-cyclo~
H H
/
0
(1,6-Hexane dialdehyde)
hexane-1,2-diol by periodate was the same as the trans-isomer 
and Fig. 2(33) shows n.m.r. spectrum of cis-isomer in D2O.
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Discussion*
Kinetics of oxidation of the trans-diol.
Under all conditions employed in this work, the kinetics 
of oxidation of the trans-diol obeyed the reciprocal relation­
ship, i.e. plots of the reciprocal of the first order rate 
constant against the reciprocal of diol concentration were 
linear. Therefore the concentration of the cyclic periodate 
ester was always appreciable. Equilibrium constants for its 
formation, and rate constants for its decomposition are 
listed in Tables 2(5) [10°C] and 2(15) [20°G ]. The general
trend of the pH dependence is the same as found previously 
by Buist and co-workers at 0°C, viz. above pH 4 the equili­
brium constant increases whereas the rate constant decreases:-
I K k
^  /mol 1~1 /I mol”  ^ /s~1
4.30 0.021 83 1.65x10-2
7.30 0.124 580 3.06x10-3
8.80 0.100 1000 7.20x10-3
A similar trend has been found in the oxidation of
several diols by periodate, and it has been explained by
a consideration of the equilibria existing between the perio-
( 28^date species and the cyclic ester species
Per + Diol ^ =* C
*1
K 1 K.
K
Per + Diol products
Z.
2-
Per + Diol
K,
K 2-
,2-
o 2where Per , Per” , Per ” represent periodate species, and
K-j, Z^ are the first and second ionization constants of
o 2-periodic acid. C , C” , C are the cyclic intermediate
i t
species, and , Kg the first and second ionization 
constants of the intermediate. Previous work has shown that 
the cyclic ester mono anion, c", is the only species whose
rate of decomposition to products is appreciable. Hence the
o 2decomposition of C and C is omitted from the above
o — 2*"scheme. K , K~, K are the equilibrium constants of
formation of the uncharged, mono-, and di- anionic cyclic 
esters respectively. The cyclic periodate esters have been 
found to be stronger acids than periodic acid itself; this 
is the reason for the increase in the equilibrium constant 
for formation of the cyclic ester with increase of pH.
Because the cyclic ester dianion is stable, the rate of 
decomposition decreases as the pH is increased above pH 5 
(the second pK of the trans-diol cyclic ester is 6.3 - 
see Pig. 2(19)). A quantitative treatment of the dependence 
of rate on pH at 20°C was applied as follows
The rate of reaction = k [C ] = k” [C~] , where C 
means all the cyclic esters. Above pH 4 the concentration 
of C° is negligible so:-
[C] = [c’l
= [C-]
+ [C2-]
1 +
• f”
+ *f
1 +
K^-f”
+ *f2-
= k
k =
1 +
k
K *.f-
+ *f2 -
1
k
1
k’
aH'
+ • f2- (1)
2-f and f are the activity coefficients for monoanions
and dianions respectively. They were calculated from the
Davies equation. Table 2(16) summarizes the values of k,
—  2—
1/k, and f /f #ajj+ in range 4-7, and in Fig. 2(18)
—  2 —
1/k is plotted against f /f *aH+ • Equation (1) is obeyed
-1fairly well, and the intercept of the plot gave k = 0.474 s.
»
To get a value of Kg » "tiie results were treated differently 
in order to make use of the values of k over a bigger pH 
range. Rearranging equation (1), then:-
1 +
Kg-f“
®H
4- • f2-
log10
Kg*f~
aH+ .f
2- log10 -  1
pH + log1Q(f“/f2") + loS10 k2 = log10 -  1
(2)
-  —  2 —
If log^(k /k - 1) is plotted against (pH + login(f /f ))'10
the slope should be = 1 and the intercept = -log on 
the (pH + log(f7f2“)) axis. Table 2(17) lists the results, 
and they are plotted in Fig. 2(19). The slope is 0.80, not
t
very close to unity, so the value of Kg can only be
»
regarded as approximate. The pKg is 6.3, which is 2 units 
below the second pK of periodic acid.
At pH 9.6 and 10°C the rate of formation of the cyclic 
ester is slow enough to he followed by conventional spectro­
photometry (section 2.4.2), The ratio of the forward and 
reverse rate constants gave a value of 560 1 mol for the 
equilibrium constant. This is in quite good agreement with 
the value , 416 1 mol , obtained by a direct spectrophoto-
metric method (section 2.4.3). At 20°C the equilibrium
_ -|
constant is about 200 1 mol at the same pH (Table 2(15)).
Equilibrium constants for the formation of cyclic periodate
esters from other diols have also been found to decrease
with increase of temperature.
At pH 4.3-4.7 and 10°C the kinetics were investigated
in unbuffered and in acetate solutions (Tables 2(2) and
2(3)). The results are not very consistent, but they do
indicate some catalysis by acetate (see particularly
Pig. 2(5)). This catalysis is more noticeable at 30°C
(see below). The stage of the reaction subject to buffer
catalysis is the formation of the cyclic ester, therefore
this stage must be partly rate-determining at pH 4.5-4.7.
As far as the rate constant k for decomposition of the ester
and the equilibrium constant K for its formation are
concerned, the results summarized in Table 2(5) do not vary
consistently with the buffer concentration. Probably the
_ -|
results obtained in the strongest buffer (0.1 mol 1 acetate) 
give the most reliable values of k aiid K, because equilibrium 
conditions assumed in the reciprocal plot treatment are 
more likely to hold.
Some results were obtained for phosphate buffers at 
pH 6.7 and 10°C (TaPle 2(4) and Figs. 2(6) and 2(7)).
Although there is a 10-fold difference in the phosphate 
concentrations, there is no definite indication of catalysis. 
However, at pH 9.6, a clear indication of catalysis by 
ammonia was obtained (section 2.4.4). At this pH the 
formation of the cyclic ester was followed, and the plot of 
the rate constant k^ against [NH^] shows a marked curvature 
(Pig. 2(12)). The quantitative treatment of this effect
(32')
proposed by Buist, Bunton and Lomasv J was applied
4 2 -2-1successfully and a catalytic constant of 1.94x10 1 mol s
found for ammonia at pH 9.60. In the alkaline region, the 
catalytic constants for the oxidation of diols by periodate 
are pH dependent (ref. 31), but this effect was not investi­
gated in the present work.
Catalysis by acetate ions at 30°C and pH 4.78 was 
another example of buffer catalysis investigated in the 
present work. A curved plot of first-order rate constant 
against [CH^COO"] was obtained (Pig. 2(21)). A quantita­
tive treatment was not attempted for the reason already 
given (section 2.4.5). It is clear from this result that 
it is not always correct to assume that the cyclic ester 
in the oxidation of the trans-diol is in equilibrium with 
the reactants, i.e. formation of the ester can be partly 
rate-determining.
Kinetics of oxidation of cis-cyclohexane-1,2-diol.
Under nearly all the conditions employed, the kinetics 
of oxidation of the cis-isomer were second order. The 
only exception was at pH 10.06 and 10°C when the first 
order rate constants obeyed the reciprocal relationship. 
Earlier work showed that the equilibrium constant for 
formation of the cyclic ester is lower for the cis-isomer 
compared with the trans-isomer, but the rate of decompo­
sition of the cis-cyclic ester is much faster. In our 
work at 25°C the concentration of the diol had to be low 
in order to make it possible to follow the reaction by 
conventional spectrophotometry, and it is not surprising 
that the kinetics indicate a negligible concentration of 
the cyclic ester. Catalysis by pivalate and by phosphate 
ions was observed, showing that the formation of the 
cyclic ester is the rate-determining step over at least 
part of the pH range. The pH profile shows a maximum at 
pH 2.1, a constant rate in the range 4-7.5, and a decrease 
beyond pH 7.5 (Pig. 2(22A)). In section 2.4.6 most of 
this profile was successfully analysed in terms of reac­
tions involving periodic acid, and its mono- and di­
anions, with the diol. The analysis assumed that the 
same step (the formation of the cyclic ester) is rate- 
determining over the whole pH range; as pointed out the 
deviation from the theory at low pH is probably due to a
«J| 
PQl
transition to rate-determining decomposition of the cyclic 
ester. A summary of our explanation of the pH profile is 
given in the figure below:-
J-------- 1________i_______i________L_
2 4 6 8 10
pH
- Decomposition of cyclic ester rate-determining.
Formation of cyclic ester rate-determining^transition 
between reaction of uncharged species and reaction 
of mono anions:-
Diol + H^IOg - C°
Diol + Per < ■ 1 - C~ — =--=— f Op
C - Formation of cyclic ester rate-determining^reaction 
involves monoanions only.
D - Pormation of cyclic ester rate-determining5transition 
to either (i) or (ii):-
(i) Diol + Per2~ ? = *  C2" -- ---» C2_
°H“
(ii) Diol + Per" % » 0p~
The pH profile is similar to that found for the rate of 
formation of cyclic ester in the oxidation of propane-
1,2-diol by periodate (ref. 31). Note that decrease in 
the rate beyond pH 8 is not inconsistent with the hydroxide 
ion catalysis postulated in equation (ii); the catalysis 
is outweighed by the decrease in the concentration of the 
periodate monoanion, the second pK of periodic acid being
Catalysis by pivalate and by phosphate ions.
Catalysis by pivalate was investigated rather than cata­
lysis by acetate because the former is a stronger base, and 
it was thought that curvature in the plot of k^ , against 
[pivalate] might become apparent. However the plot was 
linear (Pig. 2(23)). On the other hand, the plot for phosphate 
is definitely curved, and the quantitative treatment for
curved buffer plots was applied successfully. The catalytic
2 —2 —1constants were 163 1 mol s (pivalate, pH 5.0) and 
2 —2 —15130 1 mol. s (phosphate, pH 6.8). The considerably weaker 
catalysis due to pivalate was evidently insufficient to cause 
a transition to another rate-determining step.
Other points;
The kinetic results at pH 10.06 and 10°C confirm that, 
by choosing the right conditions, an appreciable concentration 
of the cyclic ester can be detected in the oxidation of the 
cis- isomer. Thus it was possible to determine the equili­
brium constant for the formation of the cyclic ester, as 
described in section 2.4.2.
The UV spectra of the cyclic esters at pH 10.0 and 10°C 
are closely similar for both isomers. The difference between 
these spectra and the spectra of the cyclic esters of ethane- 
and propane-1,2-diols was discussed in section 2.4.7.
The n.m.r. spectrum of the product of oxidation of both 
isomers shows that the product is hexane-1,6-dial as expected, 
this is the first reported confirmation of the product.
CHAPTER THREE
OXIDATION OF TARTARIC ACID
3.1 INTRODUCTION
Tartaric acid C^H^Og played a key role in the development 
of stereochemistry, and particularly the stereochemistry of 
the carbohydrates^)# It contains two hydroxyl groups on 
adjacent carbon atoms, therefore it is easily oxidised by 
periodate. The stoicheiometry of the reaction has been 
investigated, and some work reported on the kinetics. All 
the work described in the literature has been carried out 
with (+)-tartaric acid.
In (1932) Fleury and Lange( ^5) noted that under suitable 
conditions tartaric acid was oxidized rapidly by periodate 
in the cold, and glyoxylic acid was the reaction product 
COOH
(CHOH)? + 10“  V 10" + H20 + 2C00H-CH0
I
COOH
M a l a p r a d e (54) (1934) confirmed the above result, and
showed that the same stoicheiometry occured whether periodate 
or tartaric acid was in excess, and whether the solution 
was acid o.r alkaline. He found that the primary product, 
glyoxylic acid, is also oxidised by periodate, but more 
slowly than tartaric acid. The products of the second step 
are formic acid and carbon dioxide 
CHO
i
COOH + 10,  > HCOOH + C02 + 10 5
Thus the complete oxidation of tartaric acid requires 
3 moles of periodate:- 
COOH
(CHOH)2 + 310 “ ----- y 310” + 2HC00H + 2C02 + H20
COOH
(55)Sprinson and Chargaff v ' (1946) reported approximate
rates of oxidation of (+)-tartaric acid by periodate under 
various conditions. They showed that the rate is dependent 
on pH as well as the concentrations of the reactants. Under 
some conditions the oxidation of the primary product, glyoxylic 
acid, was shown to occur quite rapidly. For example, in 
sodium bicarbonate solution containing periodate and tartrate 
in the mole ratio 4.5:1, almost 3 moles of periodate are 
consumed in 20-30 minutes,;at room temperature. In strongly 
acid solution or at lower temperatures the oxidation.of 
glyoxylic acid was slowed down considerably.
Senent and his c o - w o r k e r s (1956) studied the kinetics 
of the reaction of tartaric acid with periodate in buffers, 
pH range 1-11, at temperatures in range 0-8.5°C. They 
found second order kinetics, and attempted to explain the
variation of the rate with pH in terms of reactions of tartaric
—  2—acid and its anions with H^IOg and its anions (per and per”), 
with the addition of H and OH catalysis. The maximum rate 
was found at pH 3.88. The possibility of buffer catalysis 
was ignored.
Verma and Grover (57) (1968) studied the stoicheiometry
and the influence of pH and temperature on the kinetics of 
the reaction. They claimed that tartaric acid in phosphate 
buffer at 30°C consumed 2 moles of periodate in 2.5 hrs., 
also that formaldehyde is one of the reaction products. 
Second order kinetics were found over the pH range 2-12 in 
buffered solutions with a maximum rate at pH 6.6. They 
suggested that the reaction involves an intermediate which 
is a coordination compound of bitartrate and I0~ or H^IOg 
ions. Their claim concerning the stoicheiometry of the 
reaction is surprising, particularly in view of earlier . 
work. In periodate oxidations formaldehyde is only expected 
as a product when a terminal hydroxyl group is present, 
e.g. in the oxidation of 1,2-propanediol:-
CH^CH0HCHo0H + 10 7 ---* GH^CHO + HCHO + 10“ + Ho0
3  ^ 4 5 0 I
3•2 Object of present work, and confirmation of reaction 
products.
The objects of the present work were:-
(a) to confirm the second order kinetics found by 
previous workers.
(b) to establish the rate-pH dependence for unbuffered 
solutions,
(c) to investigate the possibility of buffer catalysis
(d) to study the kinetics of oxidation of the meso- 
isomer as well as the (+)- isomer.
(e) to deduce, if possible, details of the mechanism 
of reaction.
The oxidation of (+)-tartaric and meso-tartaric acids
by periodate was studied in buffered and unbuffered solutions
in the pH range 2-9 at 30°C. The rate-pH dependence was also
studied at 15°C in unbuffered solutions of ionic strength 
-10.05 mol 1 . Catalysis by acetate and phosphate ions at 
15°C was studied for both isomers, and catalytic constants 
calculated. The following tables list all the rate constants, 
and Figs. 3(1) to 3(3) show plots of the first order rate 
constants against tartaric acid concentration. Fig. 3(4) 
is a plot of log(second order rate constant) against pH. 
Reaction products: The nature of the products of the oxida­
tion of tartaric acid by periodate was investigated by n.m.r.
_ -j
spectroscopy. A solution of tartaric acid (0.34 mol 1 )
in 1.0 ml D20 was mixed with excess NalO^ (120 mg) and the
n.m.r. spectrum taken immediately. This spectrum showed a
prominent peak at 5.0 ppm, and a small peak at 8.18 ppm.
Another spectrum taken 24 hrs later showed the same peaks
hut the intensities were reversed. The position of the
first peak agrees with that found by Tabatabaiw  y for
glyoxylic acid, and the position of the second peak is close
to the literature value for formic acid, 8.2 p p m ^ ^ .
Formaldehyde (4.8 ppm), one of the products claimed by
(57)Verma and GroverN , was not detected. Hence, the n.m.r.
spectra verify that the first product is glyoxylic acid,
which is slowly oxidised to formic acid and carbon dioxide.
Under the conditions used in our kinetic work (low periodate
concentration and excess tartaric acid) the concentration of
glyoxylic acid produced was very low, (maximum about 1x10 
-1mol 1 ), consequently its rate of oxidation was negligible
compared with the rate of oxidation of tartaric acid.
The kinetics of oxidation of glyoxylic acid have been inves-
(33)tigated by Tabatabai'
RESULTS AND DISCUSSION
3.3.1
Experimental results for rates of oxidation of 
(+)-tartaric and meso-tartaric acids in buffered 
and unbuffered solutions at 30°C.
Table 3(1)
Rates of oxidation of (+)-tartaric acid in unbuffered solution
at pH 2.0.
Run No.
H2T * 
/mol l->* _1 0
1  ^
K
 
0)
I
0300 0.1000 47.059
0301 0.0500 23.826
0302 0.0100 4.125
0303 0.0050 2.450
0304 0.0010 0.518
Rates of oxidation of
Tab1b 3(2) 
meso-tartaric acid in unbuffered
solution at pH 2.0. 
Run No.
h 2t
/mol l””1 /10-5 s-1
0305 0.0500 149.33
0306 0.0100 29.40
0307 0.0050 13.67
0308 0.0025 6.49
0309 0.0010 2.70
* ^ T  is the total tartaric acid + tartrate concentration.
Fig. 3(1) Plot for the oxidation in unbuffered solution
meso-tartaric acid
(+)-tartaric acid
0 500 1000 1500
[H2T 2 /10~4 mol l"1
Table 3(3)
Rates of oxidation of (+)-tartaric acid in unbuffered solution
at pH 4.0.
Run No.
H2T 
/mol l""^
k !
/10-3 s“1
0310 0.0100 205.90
0311 0.0075 160.00
0312 0.0050 98.07
0313 0.0010 25.60
0314 0.0005 12.92
Table 3(4)
Rates of oxidation of meso-tartaric acid in unbuffered 
solution at pH 4.0.
H T k 1
Run No* /mol 1“1 /10"5 s"1
0315 0.0100 455.88
0316 0.0050 235.00
0317 0.0025 110.50
0318 0.0010 40.95
0319 0.0005 22.56
Table 3(5)
Rates of oxidation of (+)-tartaric acid in unbuffered e
at pH 6.0.
Run No.
h 2t
/mol 1~1
k*
/IQ"5 s“1
0320 0.0100 75.55
0321 0.0075 59.50
0322 0.0050 39.66
0323 0.0010 7.79
0324 0.0005 4.02
Rates of oxidation of
Table 3(6) 
meso-tartaric acid in unbuffered
solution at pH 6.0.
h 2t k*
Run No. /mol l"1 /10"5 s’1
0325 0.0100 310.20
0326 0.0075 243.20
0327 0.0050 155.00
0328 0.0025 79.10
0329 0.0010 28.89
0330 0.0005 14.89
Table 3(7)
Rates of oxidation of (+)-tartaric acid in phosphate buffer
at pH 7.0*
[ NaHoP0, 1 = 0.02 mol l“1 1 2 4 J 1
[Na2HP04 ] = 0.02 mol 1
H2T k 1
/mol /10”  ^s"1
0331 0.0500 364.17
0332 0.0100 71.20
0333 0.0050 36.72
0334 0.0010 7.05
0335 0.0005 3.27
Table 3(8)
Rates of oxidation of meso-tartaric acid in phospha.te
k»
/10”3 s“1
0336 0.0100 375.00
0337 0.0050 184.25
0338 0.0025 93.75
0339 0.0010 39.20
0340 0.0005 20.17
buffer at pH 7.0.
[NaH2P0.] = 0.02 mol I-1 
[Na2HP0.] = 0.02 mol I-1
H„T
Run Ho. / , -1
/mol 1
Pig, 3(2) Plot for the oxidation in phosphate fouffer at
300
meso-tartaric acid
40.07 1 mol s
200
100
(+)-tartaric acid
0 100 150
[H2T ] /10"4 mol l"1
Table 3(9)
Rates of oxidation of (+)-tartaric acid in phosphate
buffer at pH 8.0.
■ [k 2h p o4 ]
Run No.
= 0.01 mol l"1
h 2t
/mol 1~^
k 1
/ 1 0 s”1
0341 0.0500 348.00
0342 0.0100 79.53
0343 0.0050 38.50
0344 0.0025 16.62
0345 0.0010 6.58
Rates of oxidation of
Table 3(10) 
meso-tartaric acid in phosphate
buffer at pH 8.0.
[k 2hpo
HOao•oIII—« I'1
h 2t k*
Run No. /mol l”^ /10-? s'1
0346 0.0100 260.00
0347' 0.0050 130.00
0348 0.0025 61.42
0349 0.0010 24.37
00350 0.0005 11.04
Table 3(11)
Rates of oxidation of (+)-tartaric acid in ammonium buffer 
at pH 9.0.•
[HH.Cl ] = 0.01 mol I-1
Ran No.
h 2t
/mol 1~^
k*
/10~5 s"1
0351 0.0500 245.00
0352 0.0100 48.J27
0353 0.0050 28.00
■ 0354 0.0025 14.15
0.355 0.0010 5.90
Table 3(12)
Rates of oxidation of meso-tartaric acid in ammonium
buffer at pH 9.0.
[n h4c i ] = 0.01 mol l-^
Run No.
h 2t
/mol l”^
k»
/10‘5 s“1
0356 0.0100 216.00
0357 0.0050 117.14
0358 0.0025 53.63
0359 0.0010 23.90
0360 0.0005 12.75
k 
/1
0
300
200
OQ
100
Fig, 3(3) Plot for the oxidation in ammonium buffer at
pH 9.0 and 30 0 .
meso-tartaric acid
(+)-tartaric acid
0 50 100 
[ H2T 1/10-4 mol I-1
150
Table 3(13)
Summary of the results of the oxidation of (+)-tartaric and
meso-tartaric acids in acid and buffered solutions at 30°C.
(+)-tartaric acid Meso-tartaric acid
pH k.
/ 1 mol”^s 1
V
/ 1
2.0 0.48
*
2.83
4.0 23.53 46.47 *
6.0 8.14 31.90 *
7.0 7.32 39.97
8.0 7.29 25.55
9.0 5.50 24.22
* Unbuffered solutions, (pH adjusted by HC1 or NaOH 
where necessary).
3.3.2
Experimental results for rates of oxidation of
(+)-tartaric and meso-tartaric acids in unbuffered
solutions at 15°C.
Table 3(H)
Experimental results for rates of oxidation of (+)-tartaric 
acid in unbuffered solutions at 15°C.
-3 -1Tartaric acid concn. = 5x10 mol 1
_4
Sodium periodate concn. = 2x10 mol 1
Ionic strength (NaCl) = 0.05 mol 1
Wavelength = 230nm
pH
k*
/io-V1
• - v
/I mol~1s~1 10^ o \
2.00 3.20 0.64 - 0.194
2.30 14.50 2.90 0.462
2.50 18.30 3.66 0.564
2.70 40.36 8.07 0.907
3.00 73.20 14.64 1.166
3.31 88.75 17.75 1.249
3.71 99.09 19.82 1.297
4.00 106.18 21.24 1.327
4.22 99.18 19.84 1.297
4.43 98.32 19.66 1.294
4.71 98.18 19.64 1.298
5.00 93.20 18.64 1.270
5.39 64.15 12.83 1.108
6.10 30.90 6.18 0.791
6.68 24.90 4.98 0.697
7.00 26.11 5.22 0.718
7.67 32.90 6.58 0.818
Table 3(15)
Experimental results for rates of oxidation of meso-tartaric
acid in unbuffered solutions at 15°C.
-3 -1Meso-tartaric acid concn. = 5x10 mol 1
Sodium periodate concn. = 2x10~^ mol l”1
_ -i
Ionic strength (NaCl) = 0.05 mol 1
Wavelength = 230nm
pH
k 1
/10"3s~1
V
/I mol~^s”^
loSl0ki
2.00 5.30 1.06 0.025
2.50 15.99 3.20 0.505
2.50 23.27 4.65 0 • 668
2.70 49.10 9.82 0.992
3.00 75.20 15.04 1.177
3.40 132.13 26.43 1.422
3.70 144.85 28.97 1.462
4.05 192.40 38.48 1.585
4.31 • 217.25 43.45 1.638
4.71 225.80 45.16 1.655
5.10 209.93 41.99 1.623
5.55 188.97 37.79 1.577
6.02 173.30 34.66 1.540
6.65 144.60 28.92 1.461
7.00 139.30 27.86 1.445
7.50 137.10 27.42 1.438
7.65 140.70 28.14 1.449
Pig* 3(4) Plot showing-the variation of logink^with pH
in uthbuffered solutions at 15 0
meso-tartaric acid
1-5
(+)-tartaric acid
0-5
0 -0 -
1 2  3 4 5 6 7 8
The kinetics of oxidation of both forms of tartaric 
acid by periodate are second order under all conditions 
studied, therefore the concentrations of any intermediates 
are low. Buffer catalysis is observed, hence if the general 
mechanism of oxidation of diols by periodate is assumed, 
the formation of the cyclic ester C2 must be rate-determining 
over at least part of the pH range:-
k1 k2 k
Tart + Per   ■ - C-. ^ . > C9  » products
k -1 k_2
The following treatment of the pH dependence is similar to 
that applied to the cis-cyclohexane-1,2-diol kinetics.
It is more complicated because the tartaric acid dissociates 
to give a mono- and a di- anion:-
HgT ; 1 1 ' HT + H
- k T2 2- +HT = = = = *  T + H
We will assume that the formation of C2 is rate-determining 
over the whole pH range:-
rate = k2 [C^] = k2KC1  ^Tar"t  ^E Per ]   0 )
where Tart represents tartaric acid and its anions,and 
K = k^/k_.j (as before).. The rate is expected to depend
on the various tartrate and periodate species:
rate = k0Q [HgT] [HjIOg] + kQ1 [ H,,T ] [Per" ] +
k 10 [HT" ] [H5I O g ] + k ^  [ HT" ][Per"] +
k 12 [HT~ ] [Per2- ] + k 21 [ T2"] [Per"] +
k 22 [T2" ][Per2" ]   (2)
2-Contributions to the rate by the terms k^2 [H2T][Per 
2„
and k20 [ T ] [ ] have been ignored because the
products of the concentrations [H2T ][Per “ ] and
[ T ][H^IOg ] are very small at all pH values. If we
2 —  —express [ HgT ] and [T j 'in terms of £ HT we can
proceed as before:-
p _ [HT ][ H+ ] 2_ K 2 [HT ]
[ H T ]  =   , [T2"] = - S 2 _ ----
2 K [ H ]
where and K^2 are in terms of concentrations.
Observed rate = k^ [Tart][ Per]
Prom equation (2);-
rate = [HT~] [ Per" ] u00
[h*1
V i
+ k01 KT1
[ £ l
10 g.
K,
+ k 11 + k 12 [H+]
k Kg2 + k KT2K2
21 fH+ ] 22 [H+ ] 2
Y
[H+ ]
+ 1 +
KT1
KT2
[H+]
[H+]
K
k ,
+ 1 +
[H+]
oc[H+ ] 2 + ^ [h+ ] + + b / [H+ ] + 6/[h+ ]+ 12
(4)
where oC =
*6 — "^ 11 9  ^ 2 ^2 * ^21 ^T2 *
v Y v 
22 T2 2
Therefore it should he possible to express the LHS of
equation (4) in terms of a power series in hydrogen ion
concentration. If catalysis by H+ or OH- occurs, the
same conclusion holds, with the possible addition of more
+ "5 4" *5terms, e.g. terms including [H ] or 1/[H ].
The ionization constant at 15 C was calculated 
from the values at 25°C and 0°C ^ ^  , using the reaction 
isochore
In
(Ki>t
A H
R T. T
then (pKJm - (pKJm =
1 i2 ' i1 2.303R T, T.
K pK
0
15
273
288
2.40 
1.928
25 298 1.64
The second ionization constant K ^ 15°C was found by
_ (19)
interpolation from a plot of pKg against 1/TV
°c
0
K C\J
1 o -1
1 274 8.07 36.50x10-4
15 288 8.195 34.72x10-4
25 298 8.28 33.56x 10-4
45 518 8.42 31.45x10“4
70 345 8.62 29.16x10-4
The ionization constants of (+)- and meso- tartaric acids
( 58)according to Jones and Soper K J are:-
(+)-tartaric acid meso-tartaric acid
°C K^/10"5 K2/10-5 K.,/10-5 K 2/10-5
25 1.0 4 4.55 0.60 1.53
50 1.14 4.06 0.73 1.46
First and second ionization constants at 15°G were found 
hy plotting loglQK 1 and log1QK2 against 1/T, giving
= 1.0x10"^ , K2 = 4.79x10”  ^for (+)-tartaric acid,
- 3  - 5and = 0.55x10 , = 1.56x10 for meso-tartaric acid.
Appreciably different values of and K 2 for
(+)-tartaric acid were obtained from the more recent data
(59)given by Bates and Canham in the form of equations :
-log K 1 = 1525.59/T - 6.6558 + 0.015336T
and -log K 2 = 1765.35/T - 7.3015 + 0.019276T
(T is temperature in K).
From these equations, =0.875x10  ^ and K2 = 4.17x10 ^
at 15°C. Both these values and those derived from Jones 
and Soper*s data were used in the following treatment.
A computer program TPER1 was employed to calculate 
the left hand side of equation (4) (denoted by Fn(k)).
An attempt was made to calculate the parameters 06 , p , 
etc., in equation (4) by plotting log Fn(k) against 
-log [H+] , and to find the best fit with the observed 
results. The above values of the first and second 
ionization constants for periodic and tartaric acids at 
15°C were used. Tables 3(16), 3(17) and Pigs. 3(5), 3(6) 
summarise the results. In Fig. 3(5) a curve has been 
drawn through the values of Fn(k) obtained from the data 
for the meso- isomer. Equation (4) predicts a curve with 
a minimum, and cannot explain the observed decrease below 
-log [H j = 2.5. However, the equation fits the data quite 
well at higher values of -log [ H+] , as shown by the 
following treatment:-
From the equation, for -log[H+ ] > 2.5 we will try to fit:-
Fn(.k) = K + ~ ^ r  + — % — 2
[H+] [H ] 2
In the range -log [H+ ] =  2.6 to 3.6 , Fn(k) is practically 
constant. This means that Fn(k) = % , in this ranger­
's = 0.216
At log [ H+ *] = -5.466 the & term should he negligible 
so i> can be calculated:
2.067 = 0.216 +  - £
3.42x10
= 6.33x10-6
At log [H+ ] = -7.566 , t  can be calculated:-
264.9 = 0.216 + 5ft23x.1.° 6 +------ £--- -
2.716x10" (2.716x10"°)
I  = 2.33x10“14
In Fig. 3(5) the calculated values of Fn(k) have been 
plotted. It is seen that agreement is fairly good above 
-log [ H+ ] =2.5.
The values of Fn(k) for the (+)- isomer are plotted 
in Fig. 3(6). These values use the ionization constants 
found by Bates and Canham; if the earlier results of Jones 
and Soper are used, the difference is very small - see 
Table 3(17). An attempt was made to fit equation (4) to 
Fn(k), but this was less successful than the fit to the 
meso- data, particularly in the range -log [ H+ ] = 4.5 to 6.
The theory is clearly inadequate to explain the pH 
dependence completely. Possibly at pH <£. 3 a different 
step of the reaction becomes rate determining, e.g. the 
decomposition of the cyclic ester to the reaction products.
Table 3(16)
Data obtained by using the computer program, (TPER1 ), 
for oxidation of meso-tartaric acid in unbuffered
solutions at 15°C.
Ionic
-1
strength = 0.05 mol 1
obs. calc.
Log [H+] log Fn(k) log Fn(k)
-1.916 -0.843 -0.665
-2.216 -0.737 -0•664
-2.416 -0.788 -0•662
-2.616 -0.651 -0 • 660
-2.916 -0.693 -0•655
-3.316 -0•646 -0.640
-3.616 -0.676 -0.616
-3* 966 -0.553 -0.561
-4.226 -0.446 -0.491
-4.626 -0.266 -0.316
-5.016 -0.022 -0.059
-5.466 0.315 0.316
-5.936 0.724 0.756
-6.566 1.280 1.377
-6.916 1.637 1.732
-7.416 2.216 2.258
-7.566 2.423 2.423
Table 3(17)
Data obtained by using the computer program (TPER.1) for 
oxidation of (+)-tartaric acid in unbuffered solutions 
at 15°C.
Ionic strength = 0.05 mol 1
A B
log [H+ ] log Bn(k) log Fn(k)
-1.916 -1.299 -1.^47
-2.216 -0.997 -0.950
-2.416 -1.213 -1.049
-2.616 -0.908 -0.873
-2.916 -0.825 -0.802
-3.226 -0.839 -0.829
-3.626 -0.794 -0.803
-3.916 -0.684 -0.706
-4.136 -0.609 -0.641
-4.346 -0.483 -0.523
-4.626 -0.274 -0.322
-4.916 -0.049 -0.103
-5.506 0.344 0.286
-6.016 0.532 0.473
-6.596 1.033 0.973
-6.916 1.397 1.337
-7.586 2.30-5 2.245
Column A from the equilibrium constants published by 
Jones and Soper, Column B from the equilibrium constants 
published by Bates and Canham.
Pig* 3(5) Plot of the obs, and calc, values of log Pn(lc) 
against -log [ H ] for meso-tartaric acid in
unbuffered solutions at 15 C.
O Calculated
• Observed
© Calc, and obs.
1 2 3 U 5 6 7 8
-log[ H+ ]
Pig, 3(6) Plot of log Fn(K) against -log f H 1 for 
(+)-tartaric acid in unbuffered solutions
2-4
0-8
0-0
0-8
7
-log [ H+]
Table 3(18)
Variation of second-order rate constant for ( +)-tartaric acid and 
meso-tartaric acids with temperature in unbuffered solution
at pH 4.7*
-1
Ionic strength = 0,05 mol 1
Temperature (•♦■)-tartaric acid me so-tartaric acid
/  °c  V
/ 1 / 1
15 19.64 45.16
30 41.48 67.36
40 86.90 1 59.90
50 620.70 1291.85
3.3.3.
Acetate catalysis.
Table 3(19)
Experimental results for the variation of the rate of oxidation
of -tartaric acid with acetate buffer concentration at pH 4.71
and 15°0.
Total periodate -4concentration = 1x10 mol i-1
(+)-tartaric acid
-3
concentration = 2x10 mol i-1
Ionic strength = 0.05 mol l“
■1
Wavelength = 230 nm
[CH5COO“]
I
• - k
R u n N o * / m o l l -1 / 1 0 s~1 /
/
-1 -11 mol s
0361 0.000 43.15 21.58
0362 0.010 44.09 22.04
0363 0.020 45.20 22.60
0364 0.030 46.20 23.10
0363 0.040 47.20 23.60
0366 0.050 48.15 24.07
Fig. 3(7) Plot showing the variation of the second-order 
rate constant for (+).-tartaric “acid with 
acetate concentration. /2U
23
Slope = 50.83 1 mol s
» catalytic constant
22
21
0 1 2 3 U 5
[CH,C00“ ]/10-2 mol I-1
Table 3(20)
Experimental results for the variation of the rate of oxidation 
of meso-tartaric acid with acetate buffer concentration at
pH 4*71 and 15°C.
i "1
Total periodate concentration = 1x10“^ mol l"
-3 -1Meso-tartaric acid concentration = 2x10 mol 1
Ionic strength = 0.05 mol 1
Wavelength = 230nm
Run No.
[c h3c o o~]
/mol 1~1
t
k
/10-5 s~1 /I mol”
0367 0.000 122.50 61.20
0368 0.010 124.90 62.45
0369 0.020 127.42 63.71
0370 0.030 130.60 65.30
0371 0.040 133.20 66.60
0372 0.050 135.80 67.90
Pig. 3(8) Variation of the second-order rate constant
for meso-tartaric acid with acetate
concentration
Slope
= catalytic constant
Phosphate catalysis.
Pable 3(21)
Experimental results for the variation of the rate of oxidation 
of tartaric acid with phosphate buffer concentration at pH 6.7 
and 15°0.
A * 1
Total periodate concentration = 2x10" mol 1~
*■3 *• 1(+)-tartaric acid concentration = 5x10 mol 1~
Ionic strength = 0.1 mol I-1
Wavelength = 230nm
Run No.
*
[ Phosphate ]
/ mol 1 ^
t
k
/10~5 s"1 / 1 mol"^s~1
0573 0.000 28.12 5.62
0374 0.005 28.50 5.70
0375 , 0.010 29.70 5.94
0376 0.015 30.51 6.10
0377 0.020 31.35 6.27
0378 0.025 31.92 6.38
* total phosphate i.e. + [HP0^~]
Pig. 3(9) Plot shoving the variation of the second-order
rate constant for (-fr)<tartaric acid with phosphate 
concentration.
____________ 1___________ I____________I____________I____________I_
0 5 10 15 20 25
[ Phosphate ] /10*^ mol l"*1
Table 5(22)
of meso-tartaric acid with phosphate buffer concentration at
pH 6.7 and 15°C.
Total periodate concentration = 2x10 ^ mol 1~^
Meso-'tartaric acid concentration = 5x10 mol 1~^
Ionic strength = 0.1 mol l"^
Wavelength = 230 nm
Run No,
•it
[Phosphate] 
/mol l"*1 /10-3 s“1 /I mol~1s”1
0379 0.000 159.60 31.92
0380 0.005 161.20 32.24
0381 0.010 162.51 32.50
0382 0.015 163.90 32.78
0383 0.020 165.60 33.12
0384 0.025 166.98 33.40
* total phosphate.
Fig, 3(10) Variation of the second-order rate constant
for meso-tartaric acid with phosphate
concentration
33-0
32-5
= catalytic constant
i—i
32-0
31-5
0 5 10 15 20 25
[ Phosphate ] / 1 0 mol 1*”^
3.3.5 Discussion.
The kinetics of the reaction were found to he second 
order under all conditions studied, showing that the con­
centrations of intermediates in the reaction must he low.
This is not surprising in view of previous work on substi­
tuent effects in the oxidation of 1,2-diols hy periodate;
electronegative substituents reduce the equilibrium constant
(3 A)
for formation of the cyclic ester' . The maximum rates 
of oxidation in unbuffered solutions at 15°C occur at 
pH 4.0 and 4.7, for the (+)- and meso- isomers respectively. 
The pK values of the acids (at 15°C, section 3.3.2) are:
PK1 PE2
(+)-tartaric acid 3.0 4.3
meso-tartaric acid 3.3 4.8
Although the maximum rates occur at pH*s above the mean of 
pK.| and pk^ (where the concentration of tartrate mo no anion 
is a maximum) they are still in the region where the mono­
anion is the dominant species. Previous workers ( Verma and 
Grover^^) found a rate maximum at pH 6.6 for the (+)- 
isomer in phosphate buffer. It is clear that their pH 
profile is complicated by the presence of buffer catalysis, 
and agreement with our pH profile is not to be expected.
Our attempt to fit a general equation to the dependence 
of rate constant on pH was only partially successful, 
probably because the rate-determining stage of the reaction 
is not the same throughout the pH range. In the periodate
(52)oxidation of highly substituted diols, such as pinacol, ' 
it is well established that the rate-determining stage can 
be either formation of the cyclic ester or its decomposition, 
or possibly formation of the monoester, depending on the pH. 
The observation of buffer catalysis, at pH 4.7 and 6.7, shows 
that formation of the cyclic ester is rate-determining over 
at least part of the pH range; significantly it is the range 
pH 3-8 over which the general equation fits the data best, 
at any rate for the meso-isomer. On the basis of the reaction 
scheme upon which the general equation is based, the predo­
minant reactions in the range pH 3-8 are:-
pH 3-4
pH 5-7
pH >7.5
HT + Per ^
2 -
T2- + Per'
HT + Per * = >  C1 i==* C2
- C
T2" + Per2-;==i C1 ?===? C„
products
A likely alternative to the last reaction is:-
It would be of interest to investigate the rate-pH profile 
above pH 8 ( a pH-stat would be required in order to carry 
out measurements on unbuffered solutions). In the absence 
of any reactions additional to the above, a levelling out 
of the rate beyond the second pK of periodic acid (8.3 at 
25°C) is expected.
Buffer catalysis: Catalysis by acetate and phosphate was
established for both isomers. All the plots of k2 against 
buffer concentration were linear, and as already stated, 
the important conclusion to be drawn from the observation 
of buffer catalysis is that the formation of a cyclic ester 
is the rate-determining step .of. the reaction. The following 
table summarises the catalytic constants (15°C):-
2 —2 —1 Catalytic constant /I mol s
pH buffer / v\ + ) meso
4.71 acetate 50.8 134
6.70 phosphate 31.3 59
The catalysis observed in the periodate oxidation of diols 
is general base catalysis, so it is surprising that the 
catalytic constants for phosphate are lower than those for 
acetate. The probable explanation is that at pH 6.7
tartrate exists mainly as the dianion which is less reactive 
than the monoanion, whereas at pH 4.71 at least 50% is 
present as the monoanion.
The possibility exists of self-catalysis in the reaction, 
i.e. catalysis by tartrate ions, particularly the dianion. 
This would show up as a departure from the first-order 
dependence of rate on tartrate concentration. There was no 
sign of such a departure, probably because the tartrate 
concentration?were generally below 0.01 mol 1 .
Comparison of rates of oxidation of the two isomers:
Fig. 3(4) shows that over the pH range studied, the meso -
isomer is oxidised more rapidly, generally by a factor of 2
or more. Previous work on the oxidation of the 2,3-butane-
diols by periodate is obviously relevant. The (+)-diol
is oxidised more rapidly than the meso-diol, and analysis of
the kinetic data showed that both the equilibrium constant
for formation of the cyclic ester, and the rate constant for
its decomposition to the reaction products, are larger
(29)for the (+)-diolv • However, the rate of formation of the
(43)cyclic ester is somewhat greater for the meso-diolN , 
and it is precisely this step which appears to be rate- 
determining in the oxidation of tartaric acid. Evidently 
the steric factors, which bring about the lower equilibrium 
constant for the meso- isomer, have little influence on the 
rate of formation of the cyclic ester.
A comparison between the results obtained for the oxi­
dation at 15 and 30°C, for both isomers in unbuffered solu­
tions, shows only a small increase in the second-order rate
constants. At pH 2.0, the second-order rate constant for
the (+)- isomer is actually lower at 30°C (0.47 compared
1 «■* 1 o
with 0.64 1 mol s at 15 C). According to the treatment 
in section 3.3.2, the observed second-order rate constant,
, equals the product of a rate constant and an equilibrium 
constant:-
Tart + Per i — - *- ------- - ---^products
*V = k2KCl
The equilibrium constants for formation of periodate esters 
decreased with increase of temperature, therefore a low 
temperature coefficient for k^ is possible.
At 50°C the observed rate constant is much greater 
(Table 3(18)). It is possible at this temperature that the 
rate of oxidation of glyoxylic acid is appreciable, resulting 
in an increased rate of the overall reaction. The first 
3 results of Table 3(18) obey the Arrhenius equation quite 
well, giving an activation energy of 44.6kJ mol •
CHAPTER FOUR
OXIDATION OF MANDELIC ACID
4.1’ A survey of the previous work
Like other hydroxy acids, mandelic acid is oxidised
(61)slowly hy periodate. Courtois ' ' (1944) studied the
reaction between mandelic acid, (CgH^CHOHCOOH), and periodate 
at 100°C, and found that mandelic acid is oxidized rapidly 
and quantitatively to benzaldehyde and carbon dioxide, but 
slowly and incompletely at room temperature. The reaction 
occurs as follows:-
CgH^CHOHCOOH + 10 ” ---- > C^CHCrt- C02 + IO’ + H 20
(62)Verma and Grover ' ' (1959) studied the stoichieo-
metry, and the influence of pH on the kinetics of the ' . 
reaction of mandelic acid with periodate in the pH range 
2-12 at 30°C. They reported that mandelic acid needs at 
least three equivalents of periodate at pH ^  8 to get 
complete oxidation to benzaldehyde and carbon dioxide in 
20 hrs. Second order kinetics were found over a wide pH 
range in buffered solutions with a maximum rate at p H ^  8.
At pH 2 there is a small increase in rate. Verma and 
Grover suggested that a complex is formed in the reaction 
between mandelate ion and 10 .^
4.2 Aims of the present work
(a) Extend the previous work on the oxidation of mandelic 
acid by periodate to different conditions, particularly 
different temperatures and buffers.
(b) Study the influence of pH on the reaction, and if 
possible, deduce the mechanism of reaction.
(c) Verify the reaction products.
The kinetics of the. reaction between mandelic acid 
and periodate were studied in the pH range 2-9 at 40°C 
by ultra-violet spectrophotometry. Unbuffered solutions 
were used in the pH range 2-6, and buffered solutions at 
pH!s 8 and 9.
Some experiments on the stoichieometry of the reaction 
at pH 8 are described in section 4.3.2.
4.3 RESULTS
4.3.1
KINETIC RESULTS
I
Table 4(1)
Rates of oxidation of mandelic acid in unbuffered solution
at 40°C.
- 3  - 3  -1Periodate concentration = 1x10 - 2x10 mol 1
**-
[ M l  [MA]
corr. K 2
Run No. / -i t-1 / _ - , - 1  / A  
pH = 2.0*
401 0.020 0.0198 3.00 0.152
402 0.050 0.0495 7.24 0.146
403 0.100 0.0980 16.40 0.167
404 0.200 0.1961 28.43 0.145
pH = 4.0
*
405
406
407
408
0.020
0.050
0 .1 00
0.200
0.0198
0.0495
0.0980
0.1961
2.97
7.07
15.20
30.60
0.150
0.143
0.155
0.156
* pH adjusted by HC1 where necessary.
** Mandelic acid.
Run No. (404)
Experimental data for the oxidation of mandelic acid at
PH 2.0 and 40°C.
Mandelic acid concn. =0.2 mol 1
-3 -1Total periodate concn. = 2x10 mol 1
Wavelength = 300 nm 
A 00 = 0.516
A. ln(A+-A ) Time
t t w /min
0.030 -0.722 . . 6
0.104 -0.887 12
0.167 -1.053 18
0.223 -1.228 24
0.267 -1.390 30
0.305 -1.556 36
0.340 -1.737 42
0.368 -1.911 48
0.393 -2.096 54
0.412 -2.263 60
-l
n(
A
Fig. 4(1) First order plot of ran No. (404) >
Slope = 28.4x10 m m
1-6
2-0
_______ I_______ I_______ I_______ L
24 48 72
Time/min
Run No. (408)
Experimental data for the oxidation of mandelic acid at
pH 4.0 and 40°C.
Mandelic acid concn. =0.2 mol 1
-3 -1Total periodate concn. = 2x10 mol 1
Wavelength = 300 nm 
Aw = 0.690
A . ln(A .-4>j) Time
/min
0.240 -0.799 - . 5
0.306 -0.957 10
0.360 -1.109 15
0.406 -1.259 20
0.446 -1.410 25
0.481 -1.565 30
0.509 -1.709 35
0.535 -1.864 40
0.556 -2.010 45
0.577 -2.180 50
-l
n(
A
Pig. 4(2) Pirst order plot of ran No. (408).
Slope = 30.6x10 m m
1-8
 I________ I________ I________ I__ 2_____ I—
20 40 60
Time/min.
Run No. (409)
Experimental data for the oxidation of mandelic acid at
pH 6.1 and 40° C.
Mandelic acid concn. =0.1 mol 1
-3 -1Total periodate concn. = 2x10 mol 1
Wavelength = 300 nm 
A = 0.830oo
A, ln(A+-A ) Time"t X 00 / A f-
/x15 m m
0.043 -0.240 1
0.0 60 -0.261 2
0.076 -0.282 3
0.096 -0.309 4
0.116 -0.337 5
0.139 -0.370 6
0.163 -0.405 7
0.186 -0.440 8
0.213 -0.483 9
0.239 -0.526 10
0.266 -0.573 11
0.296 -0.627 12
0.327 -0.687 13
0.357 -0.749 14
0.390 -0.821 15
-l
n(
A
Fig. 4(3) First order plot of ran No. (409).
2 4 - 6  8 10 12 U
Time/x15 min
Run, No. (4-10)
Experimental data for the oxidation of mandelic acid in
• Phosphate buffer at pH 8.0 arid 40°C.
* -I
Potassium phosphate = 0.01 mol 1
-1Mandelic acid concn. =0.1 mol 1
-3 -1Total periodate concn. = 2x10 mol 1
Wavelength = 300 nm
A =1.825
ln(A.-A ) ?imet <» ' / m m
0.346 0.391 1
0.358 0.383 2
0.386 0.364 3
0.437 0.328 4
0.511 0.273 5
0.600 0.203 6
0.700 0.118 7
0.794 0.031 ' 8
0.875 -0.051 9
0.940 -0.122 10
0.986 -0.176 11
1.020 -0.217 12
1.040 -0.242 13
1.052 -0.258 14
1.065 -0.274 15
1.076 -0.289 16
1.087 -0.304 17
1.100 -0.322 18
1.111 -0.337 19
1.125 -0.357 20
1.136 -0.373 21
1.150 -0.393 22
1.162 -0.411 23
1.174 -0.429 24
1.187 -0.449 25
* Adjusted Toy potassium hydroxide.
ln
(A
Fig. (4(4) First order plot of ran No. (410).
-p
-  0-2
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Tirae/min
Run No . (4-10) contd.
Treatment according to consecutive first order kinetics.
R eR eR-(A -A )
U co
ln(eR-(A.-A ))
0 00
Time
/min
-0.030 0.971 0.508 -0.677 1
-0.048 0.953 0.514 -0•666 2
-0.066 0.936 0.503 -0.687 3
-0.083 0.920 0.468 -0.759 4
-0.100 0.905 0.409 -0.894 5
-0.117 0.890 0.335 -1.094 6
-0.135 0.874 0.251 -1.382 7
-0.152 0.859 0.172 -1.760 8
-0.170 0.844 0.10.6 . -2.244 9
-0.187 0.829 0.056 -2.882 10
-0.204 0.816 0.023 -3.772 11
* where R = reading from extrapolated line in Fig. 4(4).
Fig. 4(5) Evaluation of consecutive first order kinetics
of run No. (410).
2 4 6 8 10 12 14
Time/min
Experimental data for the oxidation of mandelic acid in
ammonium buffer at pH 9.0 and 40° C.
Ammonium chloride = 0.01 mo 1 1"•1
Mandelic acid concn. = 0.1 mo 1 1 " •1
Total periodate concn, = 2x10  ^mol i-1
Wavelength = 300nm
A.
00
= 1.366
At • ln(At-Aoc)
Time 
/10^ sec.
0.060 0.267 1
0.140 0.204 2
0.360 0.006 3
0.640 -0.320 4
0.852 -0•666 5
0.967 -0.919 6
1.010 -1.033 7
1.038 -1.115 8
1.070 -1.217 9
1.100 -1.324 10
1.132 -1.452 11
1.160 -1.580 12
1.192 -1.749 13
1.218 -1.911 14
1.240 -2.071 15
1.265 -2.293 16
* Adjusted by potassium hydroxide.
ln
(A
Pig. 4(6) First order plot of runs Nos. (411)«(412) & (4-13)..
Run No. (413) 
v 0.02
-0-5
Run No. (411)
- V O
-1-5
%  16106
Time/10 sec
4.3.2.
Stoichieometry of the reaction.
The stoichieometry of the oxidation of mandelic acid by 
periodate was studied at pH 8.0, at 30 and 40°C. The periodate 
was determined by the titration (against sodium arsenite) 
of iodine liberated from potassium iodide. Table 4(2) shows 
the results obtained over a period of 10 days. In the table, 
the initial volume of sodium arsenite is 30 ml. i.e. the 
amount of arsenite equivalent to the periodate before oxidation 
of mandelic acid has taken place. If one mole of mandelic 
acid needs only one mole of periodate for oxidation, then 
the volume of so.dium arsenite will be 20 ml. when the reaction 
is complete.
At 30°C it is clear that the reaction requires more than 
260 hours to reach completion (11days). Verma and Grover 
reported that the reaction is complete in only 20 hours 
under the same conditions of pH, temperature, and concentra­
tion. However, they included some borax in their buffer, 
as well as phosphate.
At 40°C the reaction proceeds beyond the consumption 
of 1 mole of periodate. This is probably due to the oxida­
tion of benzaldehyde.
Table 4(2)
Stoichieometry of the oxidation of mandelic acid in phosphate
buffer at pH 8.0.
Potassium phosphate = 0.10 mol 1
Mandelic acid concn. = 0.02 mol 1
Total periodate concn. » 0.06 mol 1
-1Sodium arsenite concn. = 0.01 mol 1
Temperature = 30°C T emp erat uren40OC
Time Sodium arsenite Time Sodium arsenite
/hr /ml /hr /ml
0.0 30.00 0.0 30.0
19.3 28.7 18.0 28.6
47.0 28.2 46.0 26.9
73.2 27.6 72.0 25.7
91.0 27.2 90.0 24.6
122.3 26.4 121.0 22.5
139.3 26.2 138.0 21.6
164.0 . 25.95 163.0 20.1
169.3 25.8 168.3 20.0
187.3 25.4 185.0 19.3
213.0 25.1 212.0 17.7
241.3 23.95 240.0 16.8
260.3 23.95 259.0 16.0
4.4 Discussion
The reaction of mandelic acid with periodate shows good
second order kinetics at pH 2.0 and 4.0. There is no
appreciable difference between the rates at these two pH1s.
Curved first order plots (mandelic acid in excess) were
obtained at pH 6.0 and above. From the plots, it is evident
that there is more than one reaction taking place. Aldehydes
(63)are known to be oxidised by periodate in alkaline solution 
so it is likely that the first product, benzaldehyde, is being 
oxidised to benzoic acid. At pH 8.0 an attempt was made to 
treat the reaction as consecutive first order, according to 
the method used by Buist and Bunton Consecutive first
order reactions obey the general equation:-
A t - A ea = ^  e “V  -
where oL^ and are constants for particular conditions,
and  ^ and <p ^  are the roots of a quadratic expression 
containing the rate constants. The principle of the method 
is to subtract the contribution of the first exponential 
term, then plot ln(difference) against time in order to 
obtain ( p When this treatment was applied to the results 
at pH 8.0, the ln(difference) plot was curved (Fig. 4(5)). 
Evidently, the reaction is more complex. At pH 9.0, it is 
clear from the complicated curvature of the lntA^-A^,) plot 
(Fig. 4(6)) that the treatment oulined will not work at all, 
and no attempt was made to apply it. The experiment on the 
stoichieometry of the reaction at 40°C and pH 8.0 also shows 
•that the reaction is complex in alkaline solution.
CHAPTER F IV E
EXPERIMENTAL
5.1 REAGENTS AND MATERIALS
Reagents for buffer solutions (acetate, phosphate, 
ammonium and pivalate buffers) were of Analar grade, and were 
used without further purification.
Adjustment of the pH of the acid solutions in the range
0.6 to 7.0 was made by the addition of hydrochloric acid from 
a molar solution or sodium hydroxide solution from a molar 
stock solution. In the alkaline range (higher than pH 7) 
the pH of solutions was adjusted by the addition of potassium 
hydroxide solution from a molar stock solution. The ionic 
strength of the acid and alkaline solutions were corrected 
to the required value by the addition of sodium chloride or 
potassium chloride respectively.
The main solvent used for this work was distilled water.
In acid solutions, sodium metaperiodate (NalO^) of 
Analar quality was employed and used without any purifica­
tion. In alkaline solutions the dehydrated salt, K^I^O^ 
was used. This was prepared by heating ^0
110°C for a few hours. The potassium salt • 8 ^ 0
was prepared from KIO^ and an equivalent amount of potassium 
hydroxide solution. The mixture was heated to 70°C, the hot 
solution was filtered, and the product crystallised from the 
filtrate at about 10°C. Recrystallization was carried out 
from warm water, and the final product was dried under 
vacuum at 40°C for 3hr.
The diols employed in the present work were available 
commercially and were used withouth any further purification.
Cyclohexane-1,2-diol was available as the trans- isomer 
(98% Aldrich Chemical Co.). Cis-cyclohexane-1 ,2-diol isomer 
either isolated from the cis/trans mixture (Aldrich Chemical 
Co.), by using preparative gas chromatography or prepared as 
described below. Its purity checked by its melting point and 
i*r spectrum. Ethane-1,2-diol, Propane-1,2-diol (BDH) labo­
ratory reagents), Glycerol (Pisons Analytical Reagent), 
(i-)-tartaric and me so-tartaric acids (BDH laboratory reagents 
not less than 99%) and Mandelic acid (phenylhydroxy-acetic 
acid) were employed without further purification.
Preparation of cis-cyclohexane-1,2-diol (^4)
To a slurry of 16g. of silver acetate in 150ml. of 
glacial acetic acid in a three-neck flask equipped with a 
condenser, thermometer, and stirrer was added 3.42g. of 
freshly distilled cyclohexene, b.p. 83-85? Accompanied 
by vigorous stirring, 11.7g. of powdered iodine was added 
over a 30-min. period at room temperature. Finally, 0.67g. 
of water was added and the reaction mixture was heated with 
vigorous stirring for 3hr. at 90-95? After the reaction 
mixture was cooled, filtered, and the silver iodide precipi­
tate washed well with hot benzene and ethyl acetate , the 
combined filtrates were evaporated at the water pump to give 
yellow viscous oil which was taken up in methanol and filtered.
The filtrate was neutralized w^ Lth a few ml. of alcoholic 
potassium hydroxide, treated with 3-*5g. of potassium hydroxide 
in 20ml. of methanol and hydrolyzed "by refluxing for 1.5hr. 
(darkening occurred). After evaporation of the methanol at 
the water pump, the residue was taken up in 5.00ml. of warm 
diethyl ether and filtered. The filtrate was evaporated 
yielding crude diol. Recrystallization from carbon tetra­
chloride yielded white cis-1,2-cyclohexanediol m.p.97-98°
The reactions as shown below.
0
* Agl + I+ + GH^COO ( D
AgO
H
+ I
+
H
+
(2)
Trans-1 Iodo-2-acetoxy cyclohexane
0
+
0
c
/
‘C  CH3
h 2o
'I'
viscous yellow oil cis-1-hydroxyl-2-acetoxy 
cyclohexane
H x /0H
+ CH,COO' H 5
OH
cis-cyclohexane-1,2-diol
Preparation of sodium arsenite (Na^AsO^).
1. Transfer 0.5 g to a 250 ml beaker, and add enough
sodium hydroxide solution to dissolve (2 g NaOH to 20 ml 
water).
2. Dilute to about 100 ml with water.
3. Neutralise with 1N hydrochloric acid using indicator 
paper, (pH 7-8).
4. Transfer the solution to a 500 ml volumetric flask and 
add 2 g sodium bicarbonate, NaHCO^, to keep the pH 
constant (about pH 8).
5.2 APPARATUS AND INSTRUMENTATION
5 .2.1
Spectrophotometers and associated equipment.
An SP 500, SP 8-100 Ultraviolet spectrophotometer and 
Beckman spectrophotometer ACTA MIV were used for all the 
kinetic work described in this thesis. Grating Infrared 
spectrophotometers 577, 157G (Perkin-EXLraer) , and gas chroma­
tographs were used for checking the samples or reagents under 
study before using them. The Bruker WH-90 Pulse Fourier 
Transform Nuclear Magnetic Resonance Spectrometer (operating 
at 90.02 MHz for protons) was used to obtain the spectrum of 
the final product of the reaction between diols and periodate.
Kinetic runs were measured directly in the spectrophoto­
meter using a silica cell of path length 10mm at a suitable 
analytical wave length, and at the required temperature. The 
cell holder was thermostatted by water circulation, and at 
10°C the temperature of solution in the cell was checked by 
means of a small thermistor probe connected to a Wheatstone 
bridge. The cell holder was covered by an expanded polystyrene 
jacket to improve the efficiency of thermostatting. The 
efficiency of the system was such that the temperature diffe­
rence between the thermostat bath and the cell was only
0.3-0.4°C.
5.2.2
A mixing device for kinetic runs.
The mixing device consisted of a teflon block of dimensions 
approximately (9x9mm) through which four small holes had been 
made. The teflon block was attached to a polypropylene rod.
A measured amount of the periodate solution was transferred 
to the holes in the teflon block by means of a microsyringe, 
and mixing with the cell contents was achieved by a single 
gentle plunge of the mixer.
\
FIGURE 5(1)
A mixing device for kinetic runs
Mixer
i_____
Teflon block
Cell
5.2.3
pH Measurements
The Corning pH meter 113 and the Model 23A direct reading 
pH meter were used. A magnetic stirrer was employed for 
mixing. Each meter was calibrated from time to time with 
standard solutions (Borax pH=9.18 and potassium hydrogen 
phthalate pH=4.01 at 20°C).
The electrodes were kept in distilled water at room 
temperature when not in use.
5.3 EXPERIMENTAL PROCEDURES
5.5.1
Preparation of Buffer Solutions.
Eor the preparation of buffer solutions the materials were 
good quality laboratory chemicals of Analar grade where possible. 
If necessary materials were purified and dried to constant 
weight especially hygroscopic materials.
Eor many of the reactant solutions, concentrated stock 
solutions of the diol (or other substrate), buffer,and an 
inert salt were prepared and diluted to give the required 
concentrations and ionic strength.
The prepared reactant solution was transferred to the 
pH cell, where fine adjustment of the pH was carried out at 
the required temperature by addition of small quantities of 
acid or alkali from concentrated stock solutions.
Acetate Buffer
Glacial acetic acid CH^COOH (M.Wt. 60.05) and sodium 
acetate CH^COONa (M.Wt. 82.04) were employed to prepare the 
acetate buffer as a stock solution to dilute to other concen­
trations, or as specified concentrations at the pH range 
(4.5 to 4.8). Sodium chloride was used to adjust the ionic 
strength of the diluted buffers to give the required value. 
Pine correction of the pH was carried out by using hydrohloric 
acid or sodium hydroxide.
Pivalate Buffer
Pivalic acid (CH^)^C*C00H (M.Wt. 102.13) and sodium
pivalate (CH^)^C-COONa (M.Wt. 124.12) were used to prepare
the pivalate buffer as specified concentrations at the pH
range (4.9 to 5.0) for the oxidation of cis-cvclohexane-1.2-
1 0diol in ionic strength 0.1 mol.lT at 25 C. Sodium chloride
'-•-j
was used to correct the ionic strength to 0.1 mol.l. of the 
diluted buffers. The pH of each buffer was measured; no 
adjustment was necessary.
Phosphate Buffer.
A mixture of sodium dihydrogen phosphate NaHgPO^^HgO 
(M.Wt. 156.01) and disodium hydrogen phosphate Na^HPO^
(M.Wt. 141.97) was employed to prepare phosphate buffers in 
the pH range (5.90 to 8.07). Dipotassium hydrogen phosphate 
K^HPO^ (M.Wt. 174.18) was used to prepare buffer only for the
oxidation of tartaric and meso-tartaric acid at pH 8.0.
Sodium chloride was used to adjust the ionic strength of the 
sodium phosphate buffers. Fine adjustment of pH was carried 
out by addition of sodium hydroxide for sodium phosphate and 
potassium hydroxide for potassium phosphate. Hisodium hydro­
gen phosphate is hygroscopic material and was dried at 110°C 
for 1-2 hours before use.
Ammonium Buffer
Ammonium chloride NH^Cl (M.Wt. 53.5) and sodium hydroxide 
or potassium hydroxide were used to prepare ammonium buffers 
in the range 8.75 to 10.94. Sometimes ammonium chloride was 
used and the pH adjusted (especially for tartaric acid at 
pH 9.0) by using potassium hydroxide. Sodium chloride was 
used to correct the ionic strength to give the required value 
where necessary.
5.3.2
Procedures for the starting of Kinetic Runs
A known volume (2.5cm ) of the reactant solution was
3
injected into the spectrophotometer cell with a 5cm syringe • 
Sufficient time (20 to 25 min.) was allowed for the solution 
to attain thermal equilibrium in the cell block. Either a 
similar solution or distilled water was employed as a reference
After thermostatting, the required quantity of the 
periodate solution was injected into the mixing device by 
means of a microsyringe (1-25 ul), and the reaction was 
initiated by gently plunging the mixing device into the cell.
To minimise any temperature qhange, the mixing device 
(inside test-tuhe) and the volumetric flask containing the 
periodate solution were placed in the thermostat.
The wave length, chart speed and the scale expansion 
factor of the instrument were set at a suitable value 
depending on the composition of the reactant solution, and 
the expected rate of reaction.
5.3.3
The Treatment of Data from Kinetic Runs
The two most convenient methods of determining the rate 
constant for a first-order reaction, from the experimental 
results are the standard infinity method, and G-uggenheim1 s 
method. In the first method, values of the absorbance at 
complete reaction A ^  were measured, and a plot of ln(A^-A^) 
against time was drawn, the slope of the plot giving the 
rate constant of reaction. In the second method (Guggenheim* s 
method) which was often used for slow reactions, two sets 
of absorbance readings were taken and a plot of ln(A^-A^u) 
against time was drawn, again the slope of the plot gave 
the rate constant of reaction.
5.3.4
Method of titration of periodate by sodium arsenite.
\ _
— 1(a) Put sodium arsenite (Na^AsO^), 0.01 mol 1~ in a 
50 ml burette.
(b) Take 5 nil of the reactant solution, (mandelic acid- 
periodate solution), by pipette and put it in a 
conical flask (250 ml).
(c) Add 5 ml saturated solution of sodium bicarbonate 
to keep pH constant.
(d) Add 1 ml of 2M potassium iodide solution and shake 
the flask, I^ will be liberated.
(e) Titrate against sodium arsenite.
(f) Add starch solution indicator when nearly all the 
iodine has reacted.
One mole of iodine is equivalent to 1 mole of AsO,
3
and to 1 mole 10^ as in the following equations:-
10 " + 21“ + 2H+  > 10“ + I2 + H20
I„ + AsO^“ + H„0 ----- > 21" + AsO?" + 2H+2 3 2 4
^ A s o h  X M^^AsO^“ “ ^ I O "  X ^ 1 0  73 3 4 4
Calculation of ammonia coneentration
The ammonia concentrations were calculated from the 
total buffer concentrations and the pH as follows:-
pK of HH* is 9.731 at 10°C a 4
v .
4
for example if pH = 9.6 
then, a^+ =
aNH^ _ 10-9-731
®IIH* 1 0 '9 * 64
[NH~] + t^H*] = total buffer concentration
IO'9'731 f+
1 0-9-6 r ]
[NH?] +     —  = total buffer concen.
1 0-9 .7 3 1 f+
r>rrr i _ total buffer concn. L NH, J - ------- ------------
where f is the activity coefficient of NH^ , calculated from
/ £c \
the ionic strengths of the solutions by the Davies equation 
log f = -Az^
A * 0.497 at 10°C, z is the charge on the ion, and I is 
the ionic strength.
J i
1+ j i
- 0.31
Table 5(1)
t
Data for calibration of thermistor probe by means of a
Wheatstone bridge. 
temp/°C R/ohm logR temp/°C R/ ohm logR
2.25 3605 3.56 13.5 2409 3.383
2.5 3568 3.55 • 14.0 2368 3.374
3.0 3500 3.544 14.5 2328 3.367
3.5 3455 3.538 15.0 2289 3.359
4.0 ,3386 3.529 15.5 2248 3.352
4.5 3324 3.522 16.0 2210 3.344
5.0 3268 3.514 16.5 2174 3.337
5.5 3206 3.506 17.0 2133 3.328
6.0 3150 3.498 17.6 2096 3.321
6.5 3091 3.490 ‘ '18.0 2062 3.314
7.0 3035 3.482 18.5 2032 3.308
7.5 2978 3.474 19.0 1994 3.299
8.0 2921 3.465 20.6 1892 3.277
8.5 2872 3.458 21.5 1837 3.264
9.0 2823 3.45 25.0 1747 3.242
10.0 2770 3.442 24.8 1646 3.216
10.5 2725 3.435
11.0 2674 3.427
11.5 2629 3.42
12.0 2584 3.412
12.5 2541 3.405
13.0 2496 3.397
2452 3.389
where R is the resistance.
Figure 5(2) Calibration plot showing the relation of
log R with temperature.
log R
  * - - * - - 1 — - * « \  ■ —
0 4 8 12 16 20 24 28
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Table 5(2)
Conditions for the Gas-chromatographic Separation of the 
Isomers of Cyclohexane-1,2-diol.
Instrument
Sample
Solution
Column
Carrier gas 
Inlet pressure 
Chart speed 
Detector 
Sensitivity 
Hydrogen:Air 
Column Initial 
Column Final
Perkin Elmer Model F 1.1 C. 
Cyclohexane-1,2-diol (mixture). 
26% in acetone.
5% FFAP on AWDCMS Chromasorb G- 
80-100 mesh.
Nitrogen.
30 p.s.i.g.
5 mm min.
Flame ionization.
5x102
35:300
150°C
200°C
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